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ABSTRACT 
  
Nitrides of the transition metals of groups 7-11 possess desirable properties, such as 
higher hardness and saturation magnetization than the corresponding metals.  These nitrides have 
realized and potential applications in tool coatings and magnetic recording media.  In order to 
develop new chemical vapor deposition (CVD) precursors for these late transition metal nitrides, 
we have explored the synthesis, characterization, and CVD of late transition metal complexes of 
the sterically demanding ligands di(tert-butyl)amide and 2,2,6,6-tetramethylpiperidide. 
 
Treatment of MnBr2(thf)2, FeBr2(dme), CoBr2(dme), and NiBr2(dme) with two 
equivalents of LiN(t-Bu)2 in pentane, followed by sublimation in static vacuum, affords the two-
coordinate compounds M[N(t-Bu)2]2 (M = Mn, Fe, Co, Ni) previously reported by our group.  
Previous work established that the Mn and Fe compounds have linear N-M-N angles, whereas 
the Co and Ni compounds are bent.  In addition, the Fe and Co compounds have large orbital 
contributions to their magnetic moments, whereas the Mn and Ni compounds do not.  In order to 
understand these properties, the electronic structures of the M[N(t-Bu)2]2 compounds have been 
described using the Angular Overlap Model (AOM).  Two conclusions help rationalize the 
previously observed molecular properties of these and other two-coordinate compounds: (1) The 
potential energy surfaces for two-coordinate compounds are nearly flat, varying only a few 
kcal/mol even with 30° changes in the N-M-N angle, and (2) the ground state configurations for 
two-coordinate d2 and d3 (and therefore also d7 and d8) compounds experience strong inter-
electron repulsion and extensive state mixing.  For example, for a high-spin, two-coordinate d2 
compound of D∞h symmetry (where the d-orbitals order as (xy, x2-y2) < (xz, yz) < z2), the ground 
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state does not have the expected (xy, x2-y2)2 configuration, but rather an (xy, x2-y2)1(xz, yz)1 
configuration.  The (xy, x2-y2)2 configuration confines the two electrons to a single plane, which 
incurs an energetic penalty larger than the cost of promoting an electron to the (xz, yz) orbitals. 
 
Low-temperature CVD from the reaction between these two-coordinate M[N(t-Bu)2]2 
compounds and ammonia affords manganese, iron, cobalt, and nickel nitride thin films.  
Deposition rates as high as 18 nm/min are observed for cobalt nitride, and deposition 
temperatures as low as 25 °C are observed for iron nitride.  The XPS binding energies confirm 
that the nitrogen is present as nitride in all cases.  The M:N ratio in the deposited films decreases 
from Mn (2.5) to Fe (4) to Co (4.6-6) to Ni (9).  Carbon contamination in the films is minimal for 
the manganese, iron, and cobalt nitride films, but similar to the nitrogen content in the nickel 
nitride films.  Comparing the growth onset temperatures with the decomposition temperatures of 
the compounds M(NH2)2 supports the intermediacy in the film growth of the latter species, 
which are the expected products of the transamination of M[N(t-Bu)2]2 compounds with NH3. 
 
 Treatment of MnBr2(thf)2, FeBr2(dme), and CoBr2(dme) with two equivalents of lithium 
2,2,6,6-tetramethylpiperidide, Li(tmp), in pentane, followed by sublimation in static vacuum, 
affords the new compounds M(tmp)2 (M = Mn, Fe, Co).  The heteroleptic, dinuclear three-
coordinate compounds Fe2(tmp)3(OEt) and [Li(dme)][CoBr(tmp)2] have also been isolated.  
Crystallographic studies of Fe(tmp)2 demonstrate that the tmp ligand, which is the cyclic 
analogue of di(tert-butyl)amide with a slightly compressed C-N-C angle, can also enforce two-
coordination.  The Fe-N bonds are similar to those in the linear compound Fe[N(t-Bu)2]2, 
although the N-Fe-N angle of 173° and ligand dihedral angle of 73° are smaller.  Fe(tmp)2 might 
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therefore be expected to have a less degenerate ground state.  Instead, the magnetic moment of 
5.91 μB suggests the ground state of Fe(tmp)2 is more degenerate than that of Fe[N(t-Bu)2]2 (μeff 
= 5.55 μB).  This conclusion is corroborated by zero-field hyperfine splitting of the Mössbauer 
spectrum of Fe(tmp)2 at 4.2 K.  The internal hyperfine field, HINT ≈ 136 T, is the second-largest 
field reported to date for any iron compound, corresponding to an orbital field HL of ≈ 187 T.  
This orbital field exceeds that of Fe[N(t-Bu)2]2 by ca. 30 T.  AOM calculations suggest that the 
splitting between the non-bonding xy and x2-y2 d-orbitals is controlled by weak interactions (δ-
bonding or Fe···H-C interactions) instead of by the bend angle; the smaller dihedral angle and 
compressed C-N-C angle in Fe(tmp)2 weaken these interactions, increasing the degeneracy.   
 
 Treatment of TiCl4 with two equivalents of H(tmp) affords the new compound 
Ti2Cl6(tmp)2.  In contrast, treatment of TiCl4 or TiCl4(thf)2 with three equivalents of Li(tmp) 
induces ring-opening dealkylation of one tmp ligand and formation of a 1,1,5-trimethyl-5-
hexenylimido ligand.  A similar reaction is known for the di(tert-butyl)amido ligand.  IR 
spectroscopic studies demonstrate that the tmp ligand undergoes ring-opening dealkylation at 
early transition metal centers including Ti(III), Ti(IV), Hf(IV), V(III), Nb(III), Nb(V), and 
Mo(III), but not Cr(III).  The evidence is consistent with a γ-deprotonation mechanism in which 
the first two equivalents of Li(tmp) install two tmp groups on the metal center, but a third 
equivalent of Li(tmp) results in deprotonation of one of these two now-coordinated groups.  The 
resulting carbanion undergoes a rearrangement to afford an imido ligand and an olefin (the latter 
remaining bound to the imide through the tmp methylene units).  We conclude that the synthesis 
of early transition metal tmp and di(tert-butyl)amide compounds is hampered by the high 
electropositivity of these metals, which activates the methyl protons towards γ-deprotonation. 
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For Kiersten and Cailin: Some light bedtime reading. 
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CHAPTER 1 
NITRIDES OF TRANSITION METALS OF GROUPS 7-11  
 
1.1 Introduction and scope 
 This review discusses the properties, preparations, and applications of the known nitride 
phases of the transition metals of groups 7-11.  These phases are less stable—especially for the 
second- and third-row transition metals—than the corresponding group 4-6 transition metal 
nitrides, but several new metastable phases have been discovered in the last decade and the field 
has an important range of potential and realized applications.  Among these are tool coatings, 
microelectronics adhesion and barrier layers, and magnetic recording media.1  Although several 
three- and four-component systems have important or promising properties,2,3 this review will 
focus only on two-component systems.  Some phases in the two-component composition space 
are not true nitrides; all known pernitride and some azide phases are included for completeness.  
The body of this review contains three sections: the known nitride phases and their properties, 
the major synthetic routes to these nitrides, and some applications of these nitrides.  The 
synthesis and applications of thin films of the nitrides of manganese, iron, cobalt, and nickel are 
mentioned here but a more complete discussion can be found in Chapter 3; the assistance of Dr. 
A. N. Cloud in assembling this survey of late transition metal nitrides is gratefully acknowledged.  
 
1.2 Phases and properties of nitrides of transition metals in groups 7-11 
 1.2.1 Phases thermodynamically stable at 300 K under 1 atm of N2.  For the late 
transition metal nitrides, most phase diagrams were constructed from the metal in equilibrium 
with 1 atm of NH3/H2; these mixtures have the equivalent fugacity of several thousand 
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atmospheres of N2.4  Consistent with this fact, calculations suggest that only those phases of 
manganese nitride with Mn:N ≥ 1.04 and those phases of iron nitride with Fe:N ≥ 1.7 are 
thermodynamically stable at room temperature under 1 atm of N2.5  No other phases of groups 7-
11 are stable at this temperature and pressure.5  All known phases of the late transition metal 
nitrides are listed in Table 1.1.   
 Manganese nitride has five thermodynamically stable phases: fct θ-Mn6N5+x (0 ≤ x ≤ 0.26, 
N atoms are disordered),6 fct η-Mn3N2 (N atoms are ordered in octahedral holes in the Mn 
lattice),6 hexagonal ζ-Mn3-xN (0 ≤ x ≤ 1, with a NiAs-type structure),7 cubic ε-Mn4N, and 
interstitial solid solutions up to ca. 0.5 at. % N in α-Mn. The θ-Mn6N5+x, η-Mn3N2, and  ζ-Mn3-xN 
phases are antiferromagnetic.6  The ferrimagnetic ε-Mn4N phase adopts an anti-perovskite 
structure.7  The metallic η-Mn3N2 phase is superconducting below ca. 4 K.1 
Four phases of iron nitride possess thermodynamic stability:  orthorhombic ζ-Fe2N, hcp 
ε-Fe3-xN (0 ≤ x ≤ 1), fcc γ'-Fe4N (having N atoms ordered in the octahedral holes of bcc α-Fe), 
and solid solutions in bcc α-Fe.1,5,8  All of these FexN phases exceed pure iron in mechanical 
hardness and chemical stability, as well as saturation magnetization.1,9   
 1.2.2 Metastable phases.  Owing to high kinetic barriers to nitrogen atom recombination, 
a quite broad compositional range of metastable nitride phases are available for groups 7-11.  In 
general, fewer phases are known for the second- and third-row metals than for their first-row 
congeners.  Only distinct phases of metal nitrides are described here; several other metal-
nitrogen stoichiometries have been observed, but they presumably conform to these phases.  
 Although films approaching stoichiometry MnN have been prepared,10 powder X-ray 
diffraction (pXRD) suggests that these films belong to the fct θ-Mn6N5+x phase rather than to a 
distinct MnN phase.  It has been proposed that solid solutions of nitrogen in quenched γ-Mn, 
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particularly near the stoichiometry Mn8N, represent a metastable phase.7  This assertion has not 
yet been verified. 
The most nitrogen-rich iron nitride known is fcc γ''-FeN, which has the zinc blende 
structure and is non-magnetic above 100 K (anti-ferromagnetic below 100 K).11  A second fcc 
phase, γ'''-FeN with the NaCl structure, has also been proposed.12,13  The stoichiometry and even 
existence of this phase remain controversial.14-18  The metastable fcc γ-Fe4N phase is commonly 
encountered, and is similar to the stable γ'-Fe4N phase but with the N atoms disordered rather 
than ordered in the octahedral holes of the iron lattice.19  This phase also has higher mechanical 
hardness, chemical stability, and saturation magnetization than iron metal.1,9  The bct α''-Fe16N2 
phase possesses an exceptionally high room-temperature saturation magnetization of 2050 G, 
which is 100 G higher than the magnetization of Fe0.65Co0.35 alloy found at the apex of the Slater-
Pauling curve.20   
The most common metastable phases of cobalt nitride are fcc α-Co4N and hcp γ-Co3N; 
CoN and orthorhombic δ-Co2N have also been prepared.21,22  Co4N and Co3N can display large 
magnetic anisotropy and easy magnetization.23,24   
The most common phase of metastable nickel nitride is Ni3N, which exists as an hcp α-
form with disordered nitrogen, and an hcp β-form with a hexagonal nitrogen superlattice.25  A 
bct Ni2N phase has been characterized, as have fcc, pc, and fct Ni4N phases and one fcc Ni8N 
phase.25,26  Although these phases are kinetically stable at room temperature, all nickel nitrides 
decompose rapidly at 350 °C in vacuum.26   
 By far the most common phase of copper nitride is hexagonal Cu3N, which has the anti-
ReO3-type structure.27  The pc Cu4N phase, whose structure is similar to that of Ni4N and γ'-
Fe4N, has also been characterized.28  Nitrided copper is harder than pure copper.28  The Cu4N 
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phase is a conductor whereas Cu3N is an insulator; there is a dramatic change in the electrical 
properties as the nitrogen concentration is increased from superstoichiometric Cu3N to Cu4N.29 
 The technetium nitride TcNx (x ≤ 0.76) has an fcc lattice (a = 3.980-3.985 Å depending 
on N concentration); the authors suggest that this material is TcN with the NaCl structure, mixed 
with unreacted Tc metal.30  However, a later reference also claims the preparation of TcNx, x = 
0.75 (fcc lattice, a = 3.980 Å), by a different route.31  The properties of these materials are not 
described. 
 Ruthenium nitride, RuNx where 0 < x ≤ 1, has been prepared as interstitial solid solutions;  
for x = 1, the structure is claimed to be of the NaCl type.32  A recent alternative preparation also 
yielded cubic RuN, but the structure appears to be of the ZnS type.33  This material is metallic, 
but is about two orders of magnitude more resistive than ruthenium metal.  Whether or not there 
are multiple polymorphs of RuN remains an open question. 
 The rhenium nitride ReNx (0.81 < x ≤ 1) has an fcc lattice (a = 4.006-4.021 Å depending 
on N concentration) and is superconducting below 5 K.34  The recently discovered rhenium 
nitrides Re2N and Re3N are hard materials with bulk moduli of 401 ± 10 GPa and 395 ± 7 GPa, 
respectively.35  These values exceed the modulus of rhenium metal, which is 366 ± 6 GPa.  Re2N 
has a hexagonal lattice with nitrogen atoms in the trigonal prismatic voids,36 and Re3N also has a 
hexagonal lattice.37  The synthetic conditions (≤ 16 GPa, < 2000 K) for metallic Re3N in 
particular are accessible with large-volume presses so that, unlike several other new noble metal 
nitrides or pernitrides, Re3N can in principle be produced on large scales.35  Below ca. 6 at. % N, 
rhenium nitride is an interstitial solid solution.34,38  Two other rhenium nitride phases have been 
detected by pXRD but not yet fully characterized: ReNx where x ~ 0.9,39 and where x ~ 0.09.34 
5 
 
 The iridium nitride Ir3N has recently been prepared for the first time.40  It has an fcc 
lattice (a = 4.06 Å); no other properties are reported. 
 Solid solutions of nitrogen in platinum can be prepared, and the stoichiometry Pt6N has 
been claimed as a distinct phase.41   
 Gold nitride has been shown to form interstitial solid solutions containing up to ca. 5 at. 
% N; these are mostly films and coatings of a few nanometers in thickness.42,43  The films are 
about 1.5 times harder than gold, and are electrically conductive but about 5.5 times more 
resistive than bulk gold.  Nanoparticles of a semiconducting phase of gold nitride have recently 
been prepared.44 
 1.2.3 Unstable phases.  We now turn to phases which have been observed, but do not 
exist at atmospheric pressure and temperature long enough for a complete set of measurements.   
PdN2 has been observed at high temperatures and pressures; it has the pyrite structure but 
is unstable below ca. 13 GPa.45  Even at ca. 20 GPa, the Raman laser provides enough energy to 
initiate decomposition.   
 The dark solid Ag3N can be formed under ambient conditions but, because studies of this 
phase have sometimes been prevented by its characteristic and explosive decomposition,46,47 it 
has been placed in this section.  This phase probably is an interstitial compound with the nitrogen 
atoms filling holes in the fcc Ag lattice.48 
 1.2.4 Higher nitrogen contents.  Although they do not contain the nitride anion or 
isolated nitrogen atoms, transition metal azides (N3-) and pernitrides* (N24-) can be thought of as 
phases in the nitrogen-rich regions of the binary metal-nitrogen phase diagram.  Species of 
                                                 
* These are named for their isoelectronic relationship with peroxides, O22-.49  In molecular inorganic chemistry, 
ligands of this formula are sometimes called hydrazido ligands after the similarity of the N-N single bond to that 
found in hydrazine.50  Both systems term N22- diazenide after the N=N double bond similar to that of diazene.49  
Many authors continue to refer to the noble metal pernitrides as noble metal nitrides. 
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stoichiometry MN2 can be classified based on whether a nitrogen-nitrogen bond is present; MN2 
species with no N-N bond are sometimes termed metal dinitrides in order to emphasize their 
difference from the pernitrides.  The presence or absence of an N-N bond often cannot be 
determined from the pXRD alone, because the background signal of unreacted metal may be 
high and the lighter N atoms can be harder to locate in any case.51  The unstable pernitride PdN2 
has already been mentioned. 
 The theoretically predicted pernitride RhN2 has recently been experimentally observed, 
with an orthorhombic lattice (likely having the marcasite structure52) and a zero-pressure bulk 
modulus of 235 ± 13 GPa.53  Although broadening of the pXRD lines suggests some 
decomposition below ca. 10 GPa, the marcasite structure is retained at atmospheric pressure.53  
The Raman spectrum at 43 GPa implies a N-N distance similar to that of IrN2.  No other phases 
in the rhodium-nitrogen system have been found except the elements. 
 The explosive silver azide, AgN3, has been crystallographically characterized;47,54 the N3- 
anion is nearly linear and forms end-on bridges between silver(I) ions.  It is the only known 
composition besides Ag3N (and the elements) in the silver-nitrogen system.48 
 ReN2 has a hexagonal MoS2 lattice and a relatively modest bulk modulus of 173 ± 3 
GPa.55  Identification of the nature of the nitrogen in this compound awaits further 
characterization, but the low modulus suggests it may not belong to the family of pernitride 
compounds.   
 The first pernitride formed was PtN2.56  It was originally believed to be PtN on the basis 
of microprobe measurements; since then, such measurements have been shown to be unreliable 
owing to a large penetration depth of the microprobe compared with the nitriding depth.57  
Theoretical calculations and pXRD data indicate that platinum pernitride, PtN2, has a pyrite 
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structure with N-N bonds ca. 1.4 Å (cf. 1.3 Å in molecular hydrazido compounds50).58  This 
structure is consistent with the Raman spectrum, which contains an N-N bond stretch at ca. 860 
cm-1.58  The zero-pressure bulk modulus of 372 ± 5 is ca. 100 GPa higher than Pt metal, and 
comparable to that of superhard BN.   
 OsN2 has also been prepared, and its composition is similar to that of the other platinum-
group nitrides.59  It is reported to be orthorhombic with the marcasite structure at atmospheric 
pressure, with a N-N distance ~ 1.4 Å.60  Unlike the platinum and iridium pernitrides, OsN2 is 
metallic.  The bulk modulus is 358 ± 6 GPa, slightly lower than that of Os metal (395 GPa).59   
 IrN2 has the same stoichiometry as PtN2, but it has more Raman peaks (11 vs. 4), 
consistent with lower symmetry.  Its pXRD pattern is consistent only with symmetry lower than 
cubic.58  Recent studies of IrN2 showed that it has an extremely large bulk modulus of 428 ± 12 
GPa, which approaches that of diamond (440 GPa).59  The lattice of this material is reported to 
be hexagonal, with a calculated N-N distance of 1.25-1.35 Å.59  It is believed to have a 
monoclinic structure, either that of baddeleyite45 or of CoSb2.52 
 
1.3 Synthesis of nitride phases of transition metals in groups 7-11 
 1.3.1 Reactions of the elements.  Although the early transition metals can be converted 
to nitrides by heating in nitrogen, the thermodynamic instability of most late transition metal 
nitrides requires some form of non-equilibrium conditions.  Two methods for the synthesis of 
late transition metal nitrides starting from the elements have demonstrated considerable 
versatility: high-pressure, high-temperature synthesis, and reactive sputtering (especially laser 
ablation).  The success of these strategies has been attributed to a combination of high energy 
density and high irreversibility.32 
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One way to overcome the large kinetic and thermodynamic barriers to nitride synthesis is 
to employ reactive sputtering.  Pulsed laser ablation has been used to particular advantage in the 
synthesis of noble metal nitrides.  Nitrides of most of the transition metals can be prepared by 
this method, including films of stoichiometry MnN, FeN, Co2N3, Ni4N3, Cu3N, Ru0.9N, Ag6.7N, 
Re0.8N, and Pt6N.61  Films of manganese, iron, cobalt, and nickel nitrides have also been 
prepared in a variety of stoichiometries by reactive sputtering and pulsed laser ablation (see also 
Chapter 3).11-13,20-26,62-75 
 By controlling the pressure of nitrogen during pulsed laser ablation of ruthenium, the 
composition of RuNx can be varied across the range 0 ≤ x ≤ 1; all films are X-ray amorphous 
except for RuN (x = 1).32  RuN has also been deposited by reactive magnetron sputtering.33 
 Pulsed laser ablation of rhenium in a nitrogen atmosphere has been used to deposit ReNx 
where 0 ≤ x ≤ 1.35.38,39  Direct ion implantation exhibited similar versatility, preparing ReNx 
where 0 ≤ x ≤ 1.34   
 Films of composition Pt6N have been prepared by pulsed laser ablation of platinum.  
Interestingly, when the pulsed laser is scanned across the Pt target, as is typical to avoid pitting 
the target, no nitride is formed.  Only when the laser is held focused on a single point (inducing 
pitting) does Pt6N form on the substrate; a mechanism in which nitrogen reacts at the pitted 
target under action of the laser and then the platinum nitride is sputtered off of the target and 
onto the substrate has been proposed.41 
 Radio-frequency magnetron sputtering of copper in a nitrogen working atmosphere 
deposited Cu3N.76  Pulsed laser ablation deposited CuNx, 0 ≤ x ≤ 0.33, including Cu3N and Cu4N, 
by varying the pressure of nitrogen in the chamber.29 
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 The related method of direct ion implantation has been especially important for the 
formation of surface solutions of nitrogen in gold; reactive sputtering has also been used.43   
 Another methodology for accessing new metal-nitrogen phases involves extremely high 
pressures (> 10 GPa or 100,000 atm) and temperatures (> 1500 K).  The techniques used for 
these syntheses have been the subject of several reviews.57,77,78  The synthesis of platinum-group 
metal nitrides began with the report of “PtN”, which is prepared in a laser-heated diamond anvil 
cell from Pt metal and N2 at 45-60 GPa and 2000 K.56  Some controversy developed over the 
original formulation, in part owing to the recognition that the PtN phase proposed should have 
been less dense than the elements in the relevant pressure regime (and therefore its synthesis 
precluded by Le Châtelier’s principle).79  This platinum nitride was subsequently reformulated as 
PtN2, the first platinum group pernitride; the material can be prepared by a similar method (P ~ 
50 GPa), and in situ Raman spectroscopy helped confirm the structure.58  This pernitride 
formulation and the corresponding pyrite-type structure are now widely accepted.49 
 Other noble metal pernitrides followed this initial report.  IrN2 with a proposed 
baddeleyite structure is prepared in a laser-heated diamond anvil from Ir metal and N2 above 47 
GPa and 1600 K.58  OsN2 with a marcasite structure is prepared using the same protocol, above 
ca. 50 GPa and 2000 K. 59  RhN2 is prepared similarly, above 43 GPa; the temperature was not 
measured, but is estimated to be ≤ 3000 K.53  PdN2 is prepared in the same fashion but at higher 
pressures (58 GPa) and lower temperatures (below 1000 K).45  PdN2 has the pyrite structure of 
PtN2, but is much less stable.  Whereas the other four pernitrides are sufficiently metastable to be 
studied at atmospheric pressure, PdN2 is unstable below ca. 13 GPa.45  To some extent, the 
characterization is made more challenging by the yields of all of these procedures being low,49 
with primarily the first 100 nm of surface material being converted to the pernitride.57 
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 A laser-heated diamond anvil cell has also been used to prepare Re2N and Re3N from 
rhenium metal and dinitrogen.35 
 1.3.2 Reactions with ammonia.  Because ammonia is more reactive than dinitrogen 
under similar conditions, many metal nitrides are prepared by heating the metal in an atmosphere 
of ammonia.7,8,16,19  This method is well studied and has long been used to make metal nitrides, 
and consequently only a few examples will be given. 
 θ-Mn6N5+x can be prepared by heating manganese under flowing ammonia (dried over 
sodium) at 600 °C for 12 h.6  A similar preparation entails heating manganese under flowing 
ammonia at 600 °C for 3 h, and then annealing the product under ammonia at 400 °C for 20 h; 
this product is contaminated with MnO, which is removed by washing with aqueous HCl.80  η-
Mn3N2 is also prepared by heating manganese under flowing ammonia, although it is 
subsequently annealed under hydrogen at 400 °C for 20 h, then washed to remove the MnO.80 
 Whereas heating 99Tc to 900 °C under N2 does not alter the composition, heating 99Tc 
(itself prepared by hydrogen reduction of NH4TcO4) to 700-1100 °C under ammonia affords 
TcNx, x ≤ 0.76.  Above ca. 900 °C, this procedure generates a new fcc phase with a = 3.980-
3.985 Å (depending on N concentration).30 
 In an unusual low-temperature example of this class, Ag3N forms from aqueous ammonia 
and Ag2O when the ratio of ammonia to silver falls below about 4:1 (above which all silver is 
present as silver(I) diammine) but stays above about 2.5:1.46  The nitride does not form from 
Ag2O and dry ammonia, but forms readily in the presence of moist ammonia vapors. 
 1.3.3 Thermal decomposition of azides, amides, and other nitrogen-containing metal 
compounds.  Much like in molecular synthesis, thermal decomposition of a metal azide can 
generate a metal nitride phase.  For example, η-Mn3N2 is prepared from high-purity Mn and 
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excess NaN3 under argon in an autoclave at 750 °C for 6 days.6  Mn4N is prepared by heating a 
mixture of MnCl2 and NaN3 in a sealed ampoule until a self-propagating reaction begins.81   
 Toluene solutions of NaN3 mixed with MnCl2, FeCl3, or NiBr2 and superheated to 260-
290 °C produce θ-Mn6N5, ε-Fe2N, or Ni3N, respectively.82  Monitoring the pressure generated by 
evolved N2 supports the intermediacy of metal azide compounds M(N3)2 because the pressure 
begins increasing near the decomposition points of those isolated species. 
A few other precursors for the thermal synthesis of metal nitrides have been employed.  
Tc4N3 is formed by thermolysis of (NH4)2TcX6, X = Cl or Br, under argon at 380 °C.31  Like 
other systems in which the deposited phase is only metastable, the nitrogen content decreases 
with increasing temperature, and only technetium metal is obtained above about 600 °C.   
The metal amido compounds M(NH2)2 (M = Mn, Co, Ni) can be prepared by salt 
metathesis from the metal thiocyanate and KNH2 in liquid ammonia;83-87 Fe(NH2)2 is apparently 
unstable, and only impure Fe3N2 results from attempts to prepare this compound in a similar 
fashion.85,88  Thermolysis of the stable amido compounds also affords the metal nitrides M3N2 (M 
= Mn, Co, Ni).83-87  Similarly, the metal amido compound Co(NH2)3 can be prepared by salt 
metathesis from [Co(NH3)6](NO3)3 and KNH2 in liquid ammonia,89 and decomposes to CoN on 
heating above 50 °C.90 The stability of these nitrides varies:  only Mn3N2 is thermodynamically 
stable under nitrogen, and CoN and Ni3N2 decompose below 200 °C to Co2N and Ni3N.86,87,91 
When bis(trimethylsilyl)amido compounds M[N(SiMe3)2]x (x = 1, M = Cu; x = 2, M = 
Mn, Co; x = 3, M = Fe) are treated with ammonia in hydrocarbon solvent, impure samples of the 
parent amido compounds M(NH2)x are formed by transamination and precipitate from solution.92  
Heating the M(NH2)x compounds in a flow of dry helium causes the precipitates to decompose to 
12 
 
afford Mn4N, Fe3N, cobalt metal, and Cu3N.  Heating to 1000 °C produces the metal in all cases 
(although decomposition begins below this temperature).92  
1.3.4 Salt metathesis.  A new frontier in the synthesis of transition metal nitrides was 
opened about two decades ago when solid-state salt metathesis93,94 was applied to the reaction 
between a transition metal halide and an alkali metal nitride or alkaline earth nitride.95-97  These 
reactions are self-propagating once initiated, and typically exhibit a thermal flash with a large 
temperature spike sufficient to melt the salt byproduct.  One consequence of the exothermicity of 
the reaction is that the thermally unstable late transition metal nitrides typically cannot be 
obtained by this route (reactions instead affording the metal and dinitrogen, e.g., for Fe, Co, Ni, 
Cu, and Pt).96  The only exceptions appear to be the synthesis of Mn4N from MnI2 and Li3N96 or 
from MnCl2 and Ca3N2.95   
An alternative metathesis route combines molten NaNH2 (240 °C) with M2O3, M = Mn, 
Fe.  The metal oxide nanoparticles are converted to pseudomorphous metal nitride nanoparticles; 
however, these nitrides are contaminated by oxygen (up to 24 wt. % for Fe3N).98 
Combining salt metathesis with high-pressure, high-temperature methods has recently 
produced some interesting results.  In a flux of NaCl at 7.7 GPa and 1473-1873 K, ReN2 is 
prepared from the metathesis reaction between ReCl5 and Li3N.55  Similarly, the fcc iridium 
nitride Ir3N is synthesized  at 5 GPa and 1273 K from IrCl3 and Li3N.40 
An interesting recent variation on these metathesis routes combined BN with AxMyOz (A 
= Na, Li; M = a transition metal) at high pressures and temperatures, eliminating N2 and the 
alkali metal borate.99  By this method, Re3N is formed at 14 GPa and 1600 °C from NaReO4.  
Fe3N is formed at 5 GPa and 1400 °C from NaFeO2, Ca2Fe2O5, or MgFe2O4.  Pure metals are 
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formed instead for Re (NaReO4, 5 GPa, 1800 °C), Os (K2OsO4, 5 GPa, 1200 °C), Co (NaCoO2, 5 
GPa, 1300-1400 °C), and Ni (LiNiO2, 5 GPa, 1400-1500 °C). 
1.3.5 Chemical vapor deposition (CVD) methods.  The CVD of thin films of transition 
metal nitrides has recently been reviewed;1 the only additional work on the late transition metal 
nitrides since that time has been that of our group (see Chapter 3).   
  
1.4 Applications of nitride phases of transition metals in groups 7-11 
 1.4.1 Tool coatings.  One of the largest applications of the late transition metal nitrides is 
as tool coatings.1,100  The surfaces of steel tools are often nitrided (with or without carbiding), 
because of improved tribological properties and chemical resistance.100  Metal nitrides also 
typically have higher hardness than the corresponding metals.1  This property begins with 
interstitial solid solutions, and extends even to several of the pernitrides.45,56,58   
 1.4.2 Energetic materials.  The earliest known nitride of groups 7-11 was the contact 
explosive Ag3N.46  This “fulminating silver” (not to be confused with silver fulminate, AgONC) 
is not commonly used but does have the properties of a primary explosive.47   
1.4.3 Microelectronics.  For some time, early transition metal nitrides have been 
explored as new diffusion barrier materials for microelectronics.101  The late transition metal 
nitrides have also been explored in this context, although to a lesser extent.  Both new phases and 
new synthetic routes are often accompanied by testing of the adhesion or barrier properties of the 
films, such as in studies of the preparation of Mn4N and Co4N by CVD.102,103 
When sputtered ruthenium is deposited in a nitrogen atmosphere, some nitrogen can be 
incorporated into the film.  This fact has been utilized in tests of nitrogen-doped ruthenium as a 
diffusion barrier between copper and SiO2.  The nitrogen doping improves the barrier properties 
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to copper diffusion, and raises the onset temperature for Ru2Si3 formation.104  Similar studies in 
which the ruthenium nitride was deposited on silicon demonstrate that the ruthenium nitride can 
both act as a seed layer for electrodeposition of copper and as a diffusion barrier.  Whereas 
annealing layered copper-ruthenium-silicon films at 800 °C generates copper silicide and 
ruthenium silicide, annealing layered copper-ruthenium nitride-silicon films does not so long as 
the porosity of the ruthenium nitride is low.105  
 1.4.4 Electrodes.  Several films, especially of ruthenium nitride because of its similarity 
to both ruthenium and ruthenium oxide, have been tested as electrodes in laboratory devices.  For 
example, RuNx (x ~ 0.9) films deposited by RF sputtering are excellent electrodes for aqueous 
pH determination in the range of pH = 1-13.106  Ruthenium nitride films prepared by reactive 
magnetron sputtering are reported to have high capacitance, and are of interest as materials for 
electrochemical capacitors.33   
RuN films have also been tested as anode materials for lithium ion batteries; they show 
large capacities although only modest cycle stability.33  Nitrides of manganese, iron, cobalt, and 
nickel have all also been explored for this application.107 
 The ability of nitrides of iron and nickel (along with early transition metal nitrides) to 
electrocatalyze the reduction of I3- to I- has recently been studied, particularly in the context of 
dye-sensitized solar cells.107  The electrodes which result from surface nitriding of nickel films 
are comparable to the standard platinum electrodes.108   
 1.4.5 Magnetic recording media.  Owing to the ferromagnetic nature of the parent 
metals and high saturation magnetization values, the nitrides of iron, cobalt, and nickel are 
interesting candidate materials for high density and perpendicular magnetization recording 
applications.1,9,23,24,64,109,110 
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1.5 Concluding remarks 
The known phases of the late transition metal nitrides have been summarized.  Only 
manganese and iron form thermodynamically stable nitrides, but the number of metastable late 
transition metal nitrides continues to grow.  Some recent developments in the synthesis and 
characterization of late transition metal nitrides have been reviewed.  New metastable phases of 
most of the platinum group metals, as well as rhenium, have been discovered in the last decade.  
Whereas pernitrides of the late transition metals will likely remain exotic species owing to the 
present impossibility of scaling up procedures performed at 50 GPa, several other new phases 
may develop applications.  In particular, surface nitriding of the late transition metals will 
continue to be explored for a diverse range of mechanical and electronic applications.   
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1.7 Tables 
Table 1.1  Known nitride phases of the transition metals in groups 7-11.  At 300 K and 1 atm 
of N2, bolded phases are thermodynamically stable, plain-type phases are 
metastable, and italicized phases are unstable but have been observed.  The 
underlined phases are believed to be pernitrides (having nitrogen as N24-).  Solid 
solutions are omitted (except for gold). 
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CHAPTER 2 
IMPROVED SYNTHESIS AND DESCRIPTION OF THE ELECTRONIC STRUCTURES 
OF TWO-COORDINATE DI(TERT-BUTYL)AMIDO COMPOUNDS OF 
MANGANESE, IRON, COBALT, AND NICKEL 
 
2.1 Contributions 
 The work presented below continues the research program of Prof. G. S. Girolami 
developing new molecular chemical vapor deposition (CVD) precursors, specifically the project 
seeking precursors to late transition metal nitride films.  G. R. Potratz performed the initial work 
in this project, optimizing the synthesis of di(tert-butyl)amine and preparing the two-coordinate 
compound Fe[N(t-Bu)2]2.1  Dr. C. W. Spicer extended this work by preparing M[N(t-Bu)2]2, M = 
Mn, Co, and Ni, and further characterizing all four two-coordinate compounds.2  A description of 
the striking physical properties of Fe[N(t-Bu)2]2 has been published.3  In preparation for 
exploring CVD from these compounds (Chapter 3), I have improved the syntheses of the 
manganese, iron, and cobalt compounds and added some new characterization data.  I have also 
furnished a general description of the bonding in two-coordinate compounds which helps explain 
the structures and magnetic properties of these compounds, as well as the poorly understood 
magnetic properties of several two-coordinate compounds described in the literature.  This work 
draws heavily on characterization data collected by Dr. Spicer and Prof. W. M. Reiff,2,3 which 
are summarized with attribution in the introduction.  The combined synthesis, characterization, 
and interpretation will be published together elsewhere.4  I gratefully acknowledge that Dr. M. J. 
Nilges recorded EPR spectra of Co[N(t-Bu)2]2, and Dr. Spicer and B. B. Trinh prepared 
MnBr2(thf)2 and CoBr2(dme).  Prof. H. Adamsky is thanked for providing the program AOMX. 
30 
 
2.2 Introduction 
Open-shell (d1-d9) compounds with low coordination numbers—especially those with 
coordination numbers of two—possess fascinating structures, physical properties, and reaction 
chemistries.5-7  For example, the axially symmetric ligand field and consequent orbital 
degeneracy of the two-coordinate Fe[C(SiMe3)3]2 provides the iron atom with a nearly free-ion 
value for the magnetic moment.8  The magnetic properties of several other two-coordinate 
vanadium(II), chromium(II), iron(II), and cobalt(II) compounds are also altered either by first-
order orbital angular momentum contributions or by spin-orbit coupling resulting from the low 
coordination number.3,9-16  With small applied DC fields, several two-coordinate iron(II) and 
nickel(I) complexes have been shown to have sufficient barriers to magnetic relaxation to afford 
behavior characteristic of mononuclear single-molecule magnets,10,17,18 and one two-coordinate 
iron(I) compound has shown zero-field single-molecule magnetism.19 
Amido ligands have a rich history of enforcing low coordination numbers for the 
transition elements,5-7,20-22 and almost 60 % of the structurally characterized, open-shell, two-
coordinate transition metal compounds bear amido ligands.7,10,15-17,19,23-30 Somewhat surprisingly, 
before the work of our research group,1-3 none of these contained dialkylamido ligands even 
though many examples of five-, four- and three-coordinate dialkylamido compounds are 
known.20,31-35  In fact, the only known homoleptic dialkylamido compound of the open-shell 
transition metals (of any coordination number) beyond group 6 was the dinuclear manganese(II) 
complex Mn2[N(iPr)2]4.36     
Part of the reason for the lack of open-shell metal dialkylamides might be that such 
compounds are often highly reactive and display a tendency towards disproportionation or ligand 
decomposition.20,31,37,38  For example, the reaction of cobalt(II) with lithium diethylamide does 
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not afford [Co(NEt2)2]x, but instead products in which the dialkylamido groups have been 
converted into beta-diketiminate ligands; cobalt compounds of bulkier dialkylamido groups were 
reported to be thermally unstable.39  But probably a more important reason for the lack of such 
complexes is that dialkylamide anions are electron rich and can serve as reductants, especially 
with the easily reduced later transition metals.20,39 A survey of the two-coordinate amido 
complexes reported to date shows that all of the amido ligands employed are substantially less 
electron rich than dialkylamides, as judged by the acidities of similar amines (Table 2.1).    
The reaction chemistry of open-shell two-coordinate complexes has been little explored 
compared with that of three-coordinate complexes.7,23,40,41  We are particularly interested in the 
potential application of two-coordinate compounds of the later transition metals as precursors in 
CVD reactions.42,43  Many amido compounds, particularly those of the early transition metals, 
are volatile and serve as excellent chemical vapor deposition (CVD) and atomic layer deposition 
(ALD) precursors to metal nitride films.42,44-46  In contrast, CVD of late transition metal nitrides 
remains largely unexplored (see Chapter 3).2,47-51 
In this context, we became interested in the chemistry of the di(tert-butyl)amido ligand. It 
is one of the most sterically demanding dialkylamides known, and has a low molecular weight 
for its size.  In addition, it has no β-hydrogens or easily activated bonds.  Only eight compounds 
of the di(tert-butyl)amido ligand were known before the work of our group: the lithium and 
sodium salts; the thermally unstable and not structurally characterized group 14 compounds 
Ge[N(t-Bu)2]2 and Sn[N(t-Bu)2]2;52 the group 13 compounds (t-Bu)2M[N(t-Bu)2], M = Al, Ga, 
In;53 and the linear group 12 compound Zn[N(t-Bu)2]2.54 We have prepared several other new 
compounds,1,2 including the recently reported chloride-bridged dimer Ti2Cl6[N(t-Bu)2]2.55 
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The first two-coordinate, open-shell transition metal compounds supported by 
dialkylamido ligands, M[N(t-Bu)2]2, M = Mn (1), Fe (2), Co (3), and Ni (4), rewarded this 
interest.1-3  Compounds 2-4 are the first characterized homoleptic dialkylamido compounds of 
iron, cobalt, and nickel.  An interesting aspect of these results is that the manganese(II) and 
iron(II) complexes 1 and 2 are linear whereas the cobalt(II) and nickel(II) complexes 3 and 4 are 
bent.  In only one other series of two-coordinate compounds is there a similar decrease in the N-
M-N angle as a function of the metal: for M[N(SiMePh2)2]2 compounds the N-M-N angles are 
170.7(1)° for Mn, 169.0(1)° for Fe, and 147.0(1)° for Co.7,56,57 
The magnetic properties of compounds 1-4 also show some interesting features.  Zero-
field-cooled DC magnetic susceptibility studies show that 1-4 are all high-spin,2,3 as expected for 
complexes with low coordination numbers and concomitantly weak ligand fields.7  These studies 
of powdered samples afford room-temperature magnetic moments of 5.88-5.53 μB at 0.01-5 T for 
1, 6.71-6.58 μB at 2-7 T for 2, 5.07-6.20 μB at 0.01-1 T for 3, and 3.02-2.88 μB at 0.05-5 T for 4.2  
Comparison with the spin-only values of 5.92 μB for S = 5/2, 4.90 μB for S = 2, 3.87 μB for S = 3/2, 
and 2.83 μB for S = 1 shows that the manganese and nickel compounds 1 and 4 have 
approximately spin-only values while the iron and cobalt compounds 2 and 3 have large orbital 
contributions to the magnetism.  When the DC susceptibility of 2 is acquired from a frozen 
eicosane solution to prevent field-induced alignment, the room-temperature magnetic moment is 
5.48 μB, consistent with the value obtained from the solid-state AC susceptibility, 5.55 μB.2,3 
The measured susceptibility values are consistent with those of other known two-
coordinate amido compounds.7  Two-coordinate manganese amides have magnetic moments 
between that of Mn[N(SiMePh2)2]2, 5.72 μB, and that of Mn[N(Mes)BMes2]2, 5.98 μB.7,57,58  
Two-coordinate iron(II) amides have reported magnetic moments ranging from 4.73 μB for the 
33 
 
substituted carbazolide Fe(NC12H4-3,6-Me2-1,8-Ph2)259 to the essentially free-ion value of 6.6-
7.0 μB seen for the iron(II) alkyl Fe[C(SiMe3)3]2,7,8 Although higher values of 7.0-7.8 μB (at 1-5 
T) have been reported for Fe[N(H)AriPr6]2,60 these measurements are likely affected by field-
induced alignment;  in frozen eicosane solution at 0.1 T the magnetic moment is 5.22 μB.10  Two-
coordinate cobalt(II) amides all have moments greater than the spin-only value,7,16 from 4.11 μB 
for Co[N(Ph)BMes2]258 to 6.3 μB for Co[N(H)AriPr6]2.14  Two-coordinate nickel(II) amides show 
little or no orbital magnetism,7 with moments falling between 2.79 μB for Ni[N(H)AriPr4]261 and 
3.12 μB for Ni[N(H)ArMe6]2.14, *  
Magnetic moments give useful information about the electronic structures of transition 
metal compounds.  Non-degenerate ground states lead to spin-only magnetic moments, whereas 
degenerate ground states will have significant unquenched orbital magnetism.62  In a linear, D∞h 
field, according to a simple crystal field model, the five real d-orbitals split into three sets with 
energies (xy, x2-y2) < (xz, yz) < z2.  The ligand field generated by only two ligands is necessarily 
weak and, consequently, only high-spin configurations are seen.  Placing five electrons in these 
d-orbitals affords a high-spin d5 configuration corresponding to a non-degenerate ground state.  
A sixth electron will occupy the degenerate (xy, x2-y2) pair, giving rise to a degenerate ground 
state and significant orbital magnetism for linear d6 compounds.  A seventh electron will also 
occupy the (xy, x2-y2) pair, resulting in a non-degenerate ground state with no orbital 
contributions to the magnetism for linear d7 compounds.  The larger than spin-only values for all 
cobalt(II) compounds has quite reasonably been attributed to spin-orbit mixing of low-lying 
excited states into the ground states of these systems,14 as is well known for tetrahedral cobalt(II) 
                                                 
* Reported values for Ni[N(SiMe3)Dipp]2 fall on both sides of this range, measuring 2.67 μB in solution by the Evans 
method,23 and 3.22 μB in the solid state by SQUID magnetometry.16  The reason for this difference is not known, but 
it may result from sample differences, changes in structure between solution and the solid state, or the difference in 
the field strengths used for measurement (9.4 T in solution and 0.01 T in the solid state). 
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compounds.63  Finally, an eighth electron will occupy the degenerate (xz, yz) pair, giving rise to 
a degenerate ground state and orbital magnetism for linear d8 compounds. 
This description neglects vibronic coupling, which will in general soften the ground state 
potential energy surface along vibrational coordinates and may remove degeneracies.64  Vibronic 
effects arise from symmetry-allowed coupling of a ground state with an excited state via a 
vibrational normal mode owing to close proximity between the adiabatic (i.e., in the Born-
Oppenheimer approximation) potential energy surfaces of the two states.  These effects are 
termed the Jahn-Teller effect when the states are degenerate, the Renner-Teller effect when the 
states are degenerate and the molecular symmetry conforms to a linear point group, and the 
pseudo-Jahn-Teller effect in all other circumstances.  When vibronic coupling is strong, the 
ground state potential energy surface may develop new minima along a coordinate representing 
the vibrational distortions, thus lifting the degeneracy and quenching the first-order orbital 
magnetism. 
As mentioned above, for linear molecules with a (xy, x2-y2) < (xz, yz), < z2 ordering of 
the d-orbital energies, non-degenerate ground states can occur for d6 and d8 electron 
configurations, but not for d5 or d7.  Consistent with this expectation, several linear d6 iron(II) 
compounds exhibit magnetic moments with large orbital contributions.3,7,8,10,16,60  In these 
compounds, the (xy, x2-y2) d-orbitals are non-bonding, so the Jahn-Teller driving force to lift the 
degeneracy must be weak.65  In contrast, all known nickel(II) compounds show approximately 
spin-only magnetic moments,7 even when linear.14,16,23  This phenomenon is not completely 
understood, but for linear Ni[N(H)AriPr6]2 it has been proposed that anisotropic π-bonding splits 
the (xz, yz) d-orbitals and lifts the degeneracy.14  To rationalize the magnetic properties of the 
35 
 
linear compounds M[N(SiMe3)Dipp]2, M = Co, Ni, it was recently suggested that the d-orbitals 
re-order to z2 < (xy, x2-y2) < (xz, yz), as proposed for the linear iron(I) alkyl Fe[C(SiMe3)3]2-.16,19 
We now present improved syntheses of compounds 1-3, and a description of the 
electronic structures of 1-4 employing the Angular Overlap Model (AOM).  By accounting for 
the π-donation of the amido ligands and considering the effects of electron-electron repulsion, 
several previously unexplained features of two-coordinate compounds can be rationalized.  
Importantly, we find that the potential energy surfaces for two-coordinate compounds are nearly 
flat, varying only a few kcal/mol even with 30° changes in the N-M-N angle, and the ground 
state configurations for d7 and d8 compounds experience strong electron-electron repulsion and 
extensive state mixing. 
 
2.3 Experimental details 
All operations were carried out in vacuum or under argon with standard Schlenk and 
glovebox techniques.  Solvents were distilled under nitrogen from sodium benzophenone.  The 
compounds MnBr2(thf)2, FeBr2(dme), and CoBr2(dme) were prepared by a literature procedure,66 
except that the triethylorthoformate used as a drying agent was omitted when the metal dihalide 
starting materials were anhydrous (see Chapter 4).  The compound NiBr2(dme) was also 
prepared by a literature procedure,67 although controlling the stoichiometry of the adduct is 
difficult (see Appendix).  The reagents HN(t-Bu)2 and LiN(t-Bu)2 were prepared by a 
modification of a literature route.1,68 
Elemental analyses were performed by the University of Illinois School of Chemical 
Sciences Microanalytical Laboratory.  The IR spectra were obtained on a Nicolet Impact 410 or 
Perkin Elmer Spectrum One FTIR spectrometer as Nujol mulls between KBr plates.  Melting 
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points were measured in duplicate under argon in closed capillaries with a Thomas-Hoover 
Unimelt apparatus.  EPR spectra were recorded as powders on a Varian E-122 X-band 
spectrometer in the Illinois EPR Research Center at the University of Illinois. The magnetic 
fields were calibrated with a Varian NMR Gaussmeter.  Angular overlap model (AOM) 
calculations were initially performed using literature overlap integrals,69,† and completed 
numerically using AOMX.70 
 2.3.1 Bis[di(tert-butyl)amido]manganese(II), 1.  To a mixture of MnBr2(thf)2 (0.50 g, 
1.4 mmol) and LiN(t-Bu)2 (0.37 g, 2.7 mmol) was added pentane (25 mL).  The reaction mixture 
turned a goldenrod color within five minutes, and was stirred at room temperature for 13 h.  The 
yellow-orange solution was then taken to dryness under vacuum.  The solids were extracted with 
pentane (25 mL) and the extract was filtered.  The orange filtrate was taken to dryness under 
vacuum.  Yellow-orange Mn[N(t-Bu)2]2 was sublimed under static vacuum (initially 0.1 Torr) at 
60 °C.  Yield: 0.25 g (58 %). Mp: 71-73 °C.  Anal. Calcd. for C16H32N2Mn: C, 61.7; H, 11.7; N, 
8.99.  Found: C, 61.3; H, 11.6; N, 8.86.  IR (cm-1): 1353 (s), 1243 (s), 1203 (s), 1190 (s), 1032 
(m), 1017 (w), 999 (m), 904 (s), 887 (m), 790 (m), 763 (w), 590 (w), 525 (m). 
 2.3.2 Bis[di(tert-butyl)amido]iron(II), 2.  To a mixture of FeBr2(dme) (0.96 g, 3.1 
mmol) and LiN(t-Bu)2 (0.88 g, 6.5 mmol) was added pentane (25 mL).  The solution rapidly 
turned orange, intensifying over time.  The reaction mixture was stirred at room temperature for 
24 h, allowed to settle for 2 h, and then the solution was filtered. The solid residue was washed 
with pentane (15 mL), and the washings were filtered and combined with the mother liquor.  The 
combined filtrate was taken to dryness under vacuum.  Crystals of orange Fe[N(t-Bu)2]2 were 
obtained by sublimation under static vacuum (initially 0.1 Torr) at 65 °C in two batches.  Yield: 
                                                 
† The Fσ overlap factor in this reference for dxy is incorrectly given as √3/3 sin 2φ (1 – cos 2θ); this should read √3/4 sin 
2φ (1 – cos 2θ).  The Fπy factor for dyz is also incorrect, and should read cos φ cos θ cos ψ – sin φ cos 2θ sin ψ. 
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0.56 g (57 %).  Mp: 72-74 °C (some batches of analytically pure compound melt at 66-68 °C).  
Anal. Calcd. for C16H36N2Fe: C, 61.5; H, 11.6; N, 8.97.  Found: C, 61.7; H, 12.0; N, 8.80.  IR 
(cm-1): 1354 (s), 1247 (m), 1202 (s), 1192 (s), 1040 (m), 1031 (m), 1019 (w), 999 (m), 917 (s), 
890 (m), 797 (m), 764 (w), 593 (w), 528 (m), 436 (m). 
 2.3.3 Bis[di(tert-butyl)amido]cobalt(II), 3.  To a mixture of CoBr2(dme) (0.97 g, 3.1  
mmol) and LiN(t-Bu)2 (0.85 g, 6.3 mmol) was added pentane (30 mL).  The solution color 
quickly turned very dark red.  The starting materials disappeared within 4 h.  The reaction 
mixture was stirred at room temperature for 18 h, and then taken to dryness under vacuum.  The 
oily solids were dried under vacuum for 30 min, and then extracted with pentane (20 mL).  The 
extract was filtered, the solid residue was washed with pentane (10 mL), and the washings were 
filtered.  The combined filtrates were evaporated under vacuum to a dark red oil.  Dark red 
Co[N(t-Bu)2]2 was collected by sublimation at 55 °C from the oil under static vacuum (initially 
0.1 Torr and refreshed periodically to remove small amounts of di(tert-butyl)amine).  Yield: 0.44 
g (44 %).  Mp: 40-42 °C.  Dec.: 145-155 °C.  Anal. Calcd. for C16H36N2Co:  C, 60.9; H, 11.5; N, 
8.88.  Found:  C, 60.3; H, 13.0; N, 9.24.  Resublimation under static vacuum (initially 0.1 Torr) 
at 70 °C yielded analytically pure material (88 % resublimation yield).  Anal. Calcd. for 
C16H36N2Co:  C, 60.9; H, 11.5; N, 8.88.  Found:  C, 60.9; H, 11.9; N, 8.89.  IR (cm-1): 1355 (s), 
1246 (m), 1205 (s), 1188 (s), 1037 (m), 1032 (m), 1016 (w), 994 (m), 906 (s), 893 (m), 795 (m), 
766 (w), 593 (w), 530 (m). 
 2.3.4 Bis[di(tert-butyl)amido]nickel(II), 4.  To a mixture of NiBr2(dme)0.66 (0.51 g, 1.8  
mmol) and LiN(t-Bu)2 (0.50 g, 3.7  mmol) was added pentane (20 mL).  The solution quickly 
turned dark blue over ca. 5 min.  The reaction mixture was stirred at room temperature for 1.5 h, 
and then was filtered.  The solid residue was washed with pentane (15 mL), and the washings 
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were filtered and combined with the mother liquor.  The combined filtrate was taken to dryness 
under vacuum.  Dark bronze-colored crystals of Ni[N(t-Bu)2]2 were collected by sublimation 
from the oily dark blue solids under dynamic vacuum (0.1 Torr) at 40 °C.  Yield: 0.06 g (11 %).  
Mp: 54-56 °C.  Dec.: 142-145 °C.  Ni[N(t-Bu)2]2 is dark blue when the dark bronze-colored 
crystals are crushed, melted, or dissolved. 
 2.3.5 Crystallographic studies.71  Single crystals of Co[N(t-Bu)2]2 (3) were grown by 
Dr. C. W. Spicer by sublimation under reduced pressure, and X-ray diffraction data were 
collected at -90 °C.2  His reported structural model treats the cobalt atom and one tert-butyl 
group as disordered over two positions.  The high wR2 value (0.1172) and questions about the 
chemical meaning of the single disordered tert-butyl group prompted a re-exploration of the 
crystallographic data set.  Face-indexed absorption corrections were applied, with the absorption 
coefficient and maximum and minimum transmission factors listed in Table 2.3.     
The systematic absences for h0l (h + l ≠ 2n) and 0k0 (k ≠ 2n) were consistent only with 
space group P21/n.  The structure was solved by Patterson methods (SHELXTL); the initial 
solution located the cobalt atom and one nitrogen atom.  Subsequent cycles of least squares 
refinement located the remaining nitrogen and carbon atoms in the difference map.  Disordered 
locations for the cobalt atom and all methyl carbon atoms also appeared in the difference map. 
Because the disorder affected so many atoms (anisotropic refinement requires a data to 
parameter ratio approaching the IUCr-recommended limit of 10:1),72 the solution was repeated 
with 15 % of the reflections (524 data) flagged.  Only the remaining 85 % (3019 data) were used 
for the least squares refinement;  to prevent over-fitting, the residual Rfree was calculated for the 
fit of the refined model on the data not used for refinement.73  The most chemically reasonable 
six models (ranging from modeling only the cobalt atoms and methyl groups as disordered to 
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modeling all of the atoms as disordered) were compared across six random partitions of the data 
(refined on 85 % of the data using R1 and wR2, with Rfree evaluated on the excluded 15 %), to 
validate the choice of model.  Two models exhibited consistently better Rfree, R1, and wR2 values 
than the others; both treat the cobalt, one entire amide, and all of the methyl groups on the other 
amide as disordered.  In all cases, the independent site occupancy factors of disordered 
components were constrained to sum to one.  The first model treats the disorder of the cobalt 
atoms independently of the disorder of the ligands, whereas the second treats all of the disorder 
as correlated.  The anisotropic displacements of and the distances and angles formed by the 
minor component cobalt atom were more chemically reasonable in the first model, and thus this 
model was chosen.  In the final model, the cobalt atom is disordered over two sites, and one 
entire amide and all of the methyl groups on the other amide are also disordered over two sites 
(that is, the only atoms not best modeled as disordered are N1 and its two quaternary carbons, C1 
and C5). The cobalt disorder and ligand disorder are best modeled separately: the s.o.f. for the 
major cobalt site refined to 0.795(8) and the major s.o.f. of the other disordered atoms refined to 
0.647(4).  There are several possible physical interpretations of this structural model:  The minor 
cobalt site, ca. 20%, may be associated exclusively with the minor ligand site, ca. 35 %, 
exclusively with the major ligand site, or with both. 
The quantity minimized by the least-squares program was Σw(Fo2 - Fc2)2, where w = 
{[σ(Fo2)]2 + (0.0213 P)2}-1 and P = (Fo2 + 2Fc2)/3.  The N-C and C-C bond distances were 
restrained to be 1.470 ± 0.005 Å and 1.530 ± 0.005 Å.  In the final cycle of least squares, 
independent anisotropic displacement factors were refined for the non-hydrogen atoms.  The 
hydrogen atoms were fixed in "idealized" positions with C-H = 0.98 Å.  Methyl groups were 
allowed to rotate about the C-C axis to find the best least-squares hydrogen atom positions.  
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Isotropic displacement parameters for the hydrogen atoms were set to 1.5 times Ueq for the 
attached carbon.  Successful convergence was indicated by the maximum shift/error of < 0.005 
for the last cycle.  A final analysis of variance between observed and calculated structure factors 
showed no apparent errors.  The largest peaks in the final Fourier difference map (0.15 eÅ-3) 
were located 0.81 Å from N2 and 0.74 Å from N2B.   
2.3.6 Constructing correlation diagrams.  Accounting for electron-electron repulsion 
has been undertaken definitively within the crystal field theory (CFT) for transition metal 
compounds in octahedral and tetrahedral environments.  These results have been tabulated in a 
variety of ways, but most usefully in the well-known Orgel diagrams and Tanabe-Sugano 
diagrams, both of which plot relative state energies versus ligand field strength.  By treating a 
high-spin d7 compound as an effective d2 compound and then taking advantage of the hole 
formalism relationship between d2 and d8 compounds, it is sufficient to construct only one 
diagram for each molecular symmetry.  We here discuss constructing the high-spin d2 correlation 
diagram for an octahedral complex, illustrating the procedure we used to construct the 
correlation diagram for a high-spin d2 compound of D∞h or D2 symmetry. 
A correlation diagram connects states in the strong-field limit (where the ligand field is so 
strong that electron-electron repulsion is negligible) to those in the weak-field limit (where the 
free-ion terms are just barely split by the ligand field).  In the pure rotation subgroup O of the Oh 
point group, a strong ligand field splits the five real d-orbitals into a set of t2 symmetry and a set 
of e symmetry, with the triply degenerate t2 set lower in energy.  Filling this d-orbital splitting 
diagram with two electrons gives three possible high-spin configurations, in order of increasing 
energy: t22, t21e1, and e2.  These are conventionally written in order on the right-hand side of the 
correlation diagram (see Figure 2.17 for the complete diagram). 
41 
 
On the left-hand side of the correlation diagram is the free-ion term, which is split in a 
weak ligand field of O symmetry.  The states in a weak ligand field can be deduced by 
constructing a table (Table 2.2) of all possible microstates of the d2 configuration (this table 
remains the same regardless of symmetry).  Because we are interested here only in high-spin 
configurations, the MS values have been restricted to +1 (this restriction avoids the tedium of 
constructing the MS = 0 microstates, which include microstates corresponding to the low-spin 1S, 
1D, and 1G terms).  The table shown can only result from two terms, one with ML values of +1, 0, 
-1 (and thus L = 1, a P term) and one with ML values of +3,…,-3 (L = 3, an F term).  In order to 
correctly construct D∞h and D2 diagrams later, each microstate must be assigned to the correct 
free-ion term (these assignments also do not depend on the ligand field symmetry; they 
correspond to the spherically symmetric free ion).  The ML = ±3, ±2 values can only belong to 
the 3F term.  These four microstates correspond to one e2 configuration, two t2e configurations, 
and one t22 configuration (the real d-orbitals have ml values of z2 = 0; xz, yz = ± 1; and xy, x2-y2 
= ± 2.  The choice of sign is arbitrary but a single sign choice must be used consistently; here we 
take xy = -2.).  From the fact that all three microstates of the 3P term must have the same 
configuration because they remain degenerate in an octahedral field, the remaining six 
microstates can be assigned.  These six microstates comprise four t2e configurations and two t22 
configurations; the latter two (-1+1+ and -2+1+) must therefore belong to the 3F term.  This means 
the microstates with the same MS, ML values as these two 3F microstates, -2+2+ and -1+0+, 
correspond to the 3P term.  The last pair of microstates can be assigned by similarity: 1+0+ to the 
3P term and 2+-1+ to the 3F term.  The 3P term lies higher in energy than the 3F term owing to 
stronger electron-electron repulsion.  One way to understand this physically is to consider the 3P 
configurations as incurring larger energetic penalties by virtue of confining the two electrons to a 
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single plane.  Each of the three microstates corresponds to a different geometric plane: -2+2+ is 
the xy plane, and 1+0+ and -1+0+ are the xz and yz planes. 
The 3F and 3P terms are thus composed of four sets of configurations.  In a weak 
octahedral field, these four sets of configurations become a 3A2, a 3T1, and a 3T2 state derived 
from the 3F term, and a 3T1 state derived from the 3P term.  Adding this information to the left-
hand side of the diagram and then connecting these states to the corresponding configurations 
(just assigned, and previously written on the right-hand side) completes the diagram as shown in 
Figure 2.17 (which can be verified by comparison with the Tanabe-Sugano diagram for d2).74  
An important result is that for octahedral (and tetrahedral) compounds the ground state will 
always derive from the 3F free-ion term regardless of ligand field strength.  Although some 
symmetry-allowed mixing of the T1 states alters the state energies obtained directly from the d-
orbital splitting diagram, the deviations are modest.  It may be for this reason that the electron-
electron repulsion terms are often neglected when assigning state energies. 
Following this same procedure, and particularly making use of the microstate 
assignments above, we constructed the d2 correlation diagrams for compounds of symmetries 
relevant to two-coordinate compounds, such as D∞h and D2.  The strong-field configurations 
were written directly from sequentially filling the d-orbital splitting diagram from the bottom up.  
The free-ion terms must be the same as for the O diagram because the d2 free ion is unchanged.  
The splitting in a weak field is dominated by the free-ion terms, but within a term is determined 
by the ligand field.  The weak-field and strong-field state splitting were calculated with the 
program AOMX.  Correlation diagrams were constructed by writing the free ion, weak field, and 
strong field cases for a d2 ion in D∞h symmetry (Figure 2.18), a d2 ion in D2 symmetry (Figure 
2.19), and a d3 ion in D∞h symmetry (Figure 2.20), and then connecting the states representing 
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the same configuration.  The diagrams are schematic only.  For example, simply connecting the 
state energies correctly correlates the strong- and weak-field cases, but neglects the effects of 
state mixing in ligand fields with strengths between these extremes.  In reality, states of the same 
symmetry will mix and the state energies will vary non-linearly with ligand field strength (an 
approximation of this effect is shown for a d2 ion in D∞h symmetry in Figure 2.21).  Using the 
AOMX program, in this case holding the Racah parameter B constant and varying the parameter 
eσ, a Tanabe-Sugano diagram for a d2 ion in D∞h symmetry was also constructed (Figure 2.22).   
 
2.4 Results and discussion 
 2.4.1 Synthesis of M[N(t-Bu)2]2 complexes, M = Mn, Fe, Co, and Ni.  Spicer reported 
the preparation of the divalent di(tert-butyl)amido complexes M[N(t-Bu)2]2, M = Mn (1), Co (3), 
Ni (4), by addition of two equivalents of LiN(t-Bu)2 to MBr2(thf)2 or MBr2(dme) in benzene, 
where thf is tetrahydrofuran and dme is 1,2-dimethoxyethane.2  After completion of the reaction 
and removal of the solvent, the products were sublimed in dynamic vacuum.  Fe[N(t-Bu)2]2 (2) 
was prepared analogously from FeI2,2 or by Potratz from addition of three equivalents of LiN(t-
Bu)2 to FeCl3, followed by crystallization from pentane.1  All yields are 20-35 % based on the 
lithium amide. 
 Performing the same reactions in pentane and subliming in static vacuum, the yields of 
compounds 1 and 3 can be improved to 58 % and 44 %, respectively.  Utilizing FeBr2(dme) as 
the iron(II) source with pentane as the solvent improves the yield of compound 2 to 57 %.  The 
bromide and ether ligands likely help to stabilize intermediates in the reaction sequence that 
leads to the final products.  The higher yields of compounds prepared in pentane may result from 
the higher solubility of the M[N(t-Bu)2]2 products in pentane than in benzene.  Alternatively, 
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subliming under static vacuum may expose these extremely air-sensitive compounds to fewer 
atmospheric contaminants over the course of the relatively long sublimation.  Unlike 1 and 2, 
crude 3 is an oil even when all solvent has been removed.  This oil need not, and typically 
cannot, be taken to complete dryness.  The oily nature of crude 3 probably results from the much 
lower melting point of pure 3 (40 °C) compared with 1 and 2 (72 °C). 
Compound 4 has been more challenging to isolate.  Shorter reaction times and lower 
sublimation temperatures seem to be important to isolating this compound.  Although it is 
tempting to draw an analogy to Ni[N(SiMe3)2]2, which decomposes at room temperature,22,75,76 
purified compound 4 is thermally stable below ca. 140 °C.  Synthetic difficulties may instead 
relate to the difficulty in preparing exactly stoichiometric NiBr2(dme).  Whereas FeBr2 and 
CoBr2 reproducibly add a single dme ligand, NiBr2(dme)x can be obtained with 0 ≤ x < 2.  
Because LiN(t-Bu)2 is a strong enough base to deprotonate ethers at room temperature (see Table 
2.1) and a strong enough reductant to reduce metal dihalides,1,2 an exact stoichiometry may 
actually be important. 
2.4.2 Analysis of crystallographic data.  The molecular structures of 1-4 were reported 
previously.1-3  In addition to providing a new model for the disorder in compound 3, I have re-
examined the inter- and intramolecular non-bonding contacts in compounds 1-4.  Owing to a 
relatively flat potential energy surface (discussed below), such contacts may play a role in 
determining the solid-state structures of 1-4.   
The manganese compound 1 crystallizes in the orthorhombic P212121 space group,2 and 
individual molecules reside on general positions within the cell.  The metal atoms of independent 
molecules are distinctly separated, with the nearest Mn···Mn distance being 7.387 Å.  Each 
molecule of 1 interacts weakly with four of its neighbors (labeled here molecules A, B, C, and 
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D).  The shortest intermolecular C···C distances, which come in symmetry-related pairs, are 
3.694 Å for C2-C3A and C3-C2B and 3.786 Å for C10-C11C and C11-C10D (Figures 2.1 and 
2.2).  These four intermolecular contacts are shorter than the 4.0 Å sum of the van der Waals 
radii for two methyl groups77 (although intermolecular methyl-methyl distances as short as 3.57 
Å have been observed78).   
The closest intramolecular Mn···C distances are 2.852, 2.854, 2.856, and 2.861 Å to C6, 
C15, C10, and C2, respectively.  These distances are longer than the distances to sp2 arene 
carbon atoms in the known manganese(II) amides, which fall between 2.536(5) Å in 
Mn[N(Mes)BMes2]2 (Mes = C6H2-2,4,6-Me3) and 2.774(5) Å in Mn[N(SiMePh2)2]2.7,57-59,79,80 
The shortest Mn···C distances in 1 are, however, similar to those of 2.78 Å to a CH3 group δ to 
the manganese in the manganese(II) aryl Mn(Mes*)2 (Mes* = C6H2-2,4,6-(t-Bu)3).81   
Crystals of the iron compound 2 also conform to space group P212121 and are 
isomorphous with those of 1.1-3  The nearest Fe···Fe distance is 7.369 Å.  The four shortest 
intermolecular methyl-methyl distances, two at 3.631 Å and two at 3.728 Å, involve four 
neighboring molecules.  These four shortest distances are situated on one face of the molecule 
and involve one tert-butyl group of each amido ligand interacting with its counterpart on a 
neighboring molecule.  The methyl-methyl distances appear to “compress” each molecule so that 
each amido ligand is rotated about the Fe-N bond; these rotations reduce the dihedral angle 
between the two NC2 planes to a value less than 90° (Figure 2.3).  We have previously reported 
that DFT computations indicate the gas-phase minimum energy of 2 occurs at a dihedral angle of 
77°, but with a potential well that is rather shallow between 70° and 90° (ΔG < 0.25 kcal/mol for 
any two values in this range).3  Using the Lennard-Jones model to describe these intermolecular 
methyl-methyl interactions, with σ in the range used for linear or branched alkanes (3.923-4.020 
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Å) and the corresponding ε/kB values (96-104 K),82,83 we find that these interactions exert an 
energetic penalty of 0.72-1.3 kcal/mol each for the shorter pair and 0.37-0.75 kcal/mol each for 
the longer pair.  It is particularly important to note that this is the cost in the observed structure, 
that is, this represents the remaining steric penalty after the molecule has relaxed to minimize its 
energy in the lattice.  Interestingly, using the same model, the ca. ninety intermolecular methyl-
methyl interactions between 4.0 and 5.5 Å (now attractive rather than repulsive, with a maximum 
energetic benefit ca. 0.19-0.25 kcal/mol between 4.4 and 4.5 Å) overwhelm the cost of the 
repulsive interactions by some 9-14 kcal/mol.  This estimate ignores all of the other favorable 
intermolecular interactions and is illustrative rather than strictly meaningful; however, it does 
demonstrate that the crystalline packing is overall quite favorable and can thus accommodate 
several rather repulsive interactions.  Interestingly, Zn[N(t-Bu)2]2, which is isomorphous with 1 
and 2, possesses similar methyl-methyl close contacts (two at 3.601 Å and two at 3.716 Å), and a 
similar dihedral angle of 78.9°.54    
The closest Fe···C distances in 2 are 2.804, 2.811, 2.814, and 2.818 Å to C15, C2, C6, 
and C10, respectively.  We were able to locate the hydrogen atoms in the Fourier difference map 
and refine them independently; the closest Fe···H distances are to the hydrogens attached to the 
four closest carbons, and are 2.45, 2.49, 2.44, and 2.41 Å (in the same order as above).  These 
values fall at the upper end of the accepted range for Fe···H-C 3c-4e interactions (Fe···C 
distances of 2.4-3.4 Å when accompanied by Fe···H distances of 1.8-2.7 Å);84-87 this class of 
interaction can be weakly attractive or repulsive.88  The shortest Fe···C distances in 2 are similar 
to those of 2.792 Å in the linear Fe[N(H)AriPr6]2 (AriPr6 = C6H3-2,6-(C6H2-2,4,6-iPr3)2)60 but 
longer than those of 2.521 Å and 2.728 Å for the bent compounds Fe[N(Mes)BMes2]258 and 
Fe[N(Np)Dipp]2 (Np = CH2(t-Bu), Dipp = C6H3-2,6-iPr2),89 respectively. The Fe···C contacts in 
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2 are similar to those of 2.744(6) and 2.822(8) Å (or 2.73 Å) found in the bent iron aryl 
Fe(Mes*)2.81,90   
The cobalt compound 3 crystallizes in the P21/n space group (Figure 2.4) in a disordered 
fashion.‡  The shortest Co···Co distance between neighboring molecules is 6.948 Å.  
Constructing a likely pattern of major amide-minor amide neighbors (a 65-35 distribution 
consistent with the refined SOFs, minimizing short contacts as much as possible and taking into 
account effects propagating along the symmetry operations) provides major and minor 
neighborhoods with similar metrics (Figures 2.5-2.9).  In each case, there must be at least five 
short C···C distances between a molecule of 3 and its nearest neighbors (labeled A-D for 
simplicity here).  In the major component, these are two distances of 3.635 Å for C7-C14A and 
C14-C7A, two of 3.759 Å for C2-C8B and C8-C3C, and one of 3.826 Å for C16-C16D; in the 
minor component these are two distances of 3.688 Å for C7-C14A and C14-C7A, and single 
distances of 3.728 Å for C4-C11B, 3.781 Å for C11-C4C, and 3.899 Å for C15-C4D.  In the 
major component, there are also two short intramolecular methyl-methyl interactions, a result of 
the N-Co-N bending and a dihedral angle for this component of 72.9°; these distances are 3.702 
and 3.707 Å for C6-C10 and C2-C14, respectively.  Much like in compound 2, the shortest two 
intermolecular distances each incur energetic penalties in the observed, energy-minimized 
structure of ca. 0.7-1.3 kcal/mol, and the next shortest two ca. 0.3-0.6 kcal/mol each; the major 
component intramolecular contacts are themselves repulsive by 0.4-0.9 kcal/mol.  Unlike 
compounds 1 and 2, however, no clear picture emerges from these short distances; furthermore, 
we are hesitant to overanalyze such a disordered structure. 
                                                 
‡ Most of the atoms in the crystal structure of 3 are disordered over at least two positions (see section 2.3.5).  Unless 
otherwise noted, the following discussion will be limited to the major amide-major cobalt component (which we will 
refer to as the MM component).  This component must comprise between ca. 45 % and ca. 65 % of the ensemble. 
The other components will be referred to as Mm, mM, or mm, the first letter indicating whether the amido 
component has the major (M) or minor (m) site occupancy factor.  
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Selected bond lengths and angles for the revised disorder model of 3 are displayed in 
Tables 2.4-2.5.  The Co-N1 distance (involving the major disordered cobalt component) and the 
CoB-N1 distance (minor disordered cobalt component) of 1.840(2) and 1.839(5) Å, respectively, 
are identical within error and represent the most probable values for the true Co-N distances in 3, 
because N1 is not disordered.  The four Co-N2 distances (i.e., for all the combinations of the 
major and minor disordered components) range from 1.75(2) to 1.93(1) Å and are evidently 
affected by the disorder.  The site-occupancy-weighted average Co-N2 distance of 1.86(2) Å and 
the unweighted average of 1.84(2) Å are similar to the Co-N1 distances, however.   
Unlike 1 and 2, the N-Co-N angle of 162.4(4)° is bent (for comparison, the values for the 
other disorder combinations are Mm = 155.6(9)°, mM = 152.9(6)°, and mm = 163.3(1.1)°; the 
weighted average is 158.9(8)°).  The NC2 planes describe a dihedral angle of 72.9(1)° (Mm = 
72.9(2)°, mM = 80.8(2)°, mm = 78.4(3)°; weighted average = 75.5(3)°). The idealized point 
symmetry of 3 is C2; one way to view the bending is that the cobalt atom is displaced along one 
of the C2 axes of a D2 structure.   
The metrics of 3 are consistent with those of the seven previously reported two-
coordinate cobalt amides.7  The Co-N bond lengths of the known compounds vary from 1.821(2) 
Å for Co[N(SiMe3)Dipp]216 to 1.910(3) Å for Co[N(Mes)BMes2]2.58  Compound 3 has Co-N 
distances remarkably similar to that of 1.84(2) Å reported for gas-phase Co[N(SiMe3)2]291 
(however, it is generally agreed that the gas-phase Fe-N bond distance in Fe[N(SiMe3)2]2 has at 
best low accuracy,7,57,91 and it is more likely to be ca. 1.89 Å,3 or identical with that in 2; the Co-
N distance in Co[N(SiMe3)2]2 is subject to the same problems as the iron analogue91).  Known N-
Co-N angles in two-coordinate amido compounds vary from linear for three compounds7,14,16,91 
to 127.1(2) Å for Co[N(Ph)BMes2]2,58 and thus compound 3 again falls within the known range.7   
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The shortest Co···C distances in 3 can be sorted into two sets consistent with the 
bending: a set of short distances, 2.684 and 2.726 Å to C6 and C14, and a set of longer distances, 
2.979 and 3.004 Å to C10 and C2.  The distances to calculated hydrogen positions on these 
carbons are 2.26, 2.27, 2.63, and 2.70 Å, respectively.  For other bent two-coordinate cobalt(II) 
amides, the shortest Co···C distances are to sp2 arene carbons and lie between 2.387(5) Å for 
Co[N(Ph)BMes2]2 and 2.734(5) Å for Co[N(Mes)BMes2]2.7,58  There are a few examples of short 
Co···H-C interactions with cobalt(II) centers having higher coordination numbers.92,93 
The nickel compound 4 crystallizes in the space group Fdd2,2 and molecules of 4 are well 
separated in the solid state, with the nearest Ni···Ni distance being 6.877 Å.  The shortest 
intermolecular C···C distances are long compared with those in 1-3, with two at 3.858 Å and two 
at 3.878 Å (the shortest costing only 0.09-0.30 kcal/mol); their effect on the structure is non-
obvious (Figures 2.10-2.11).   
The shortest Ni···C distances in 4 are 2.665 Å and 2.670 Å to C8 and C12, followed by 
2.957 and 3.019 Å to C14 and C4, respectively.  Despite the difference in the hybridization of 
carbon, the shortest pair falls into the range of Ni···C close contacts reported for other two-
coordinate nickel(II) amides, from 2.56 Å for Ni[N(H)ArMe6]214 to 2.70 Å for 
Ni[N(Mes)BMes2]2.58,94  The associated Ni···H distances in 4 are 2.31 and 2.62, 2.41 and 2.53, 
2.66, and 2.68 Å. Short Ni···H-C distances are rare, but give no spectroscopic evidence of 
interaction even with Ni···H distances as short as 2.47 Å.95,96  
2.4.3 EPR spectroscopy of compound 3.  Dr. Spicer reported the surprising result that 
the S = 3/2 compound 3 is EPR silent in solution.2  With the assistance of Dr. Nilges, I have 
confirmed these observations down to 4 K.  However, in the solid state below 10 K, the cobalt 
compound 3 has several very broad signals at g' ~ 11, 4.3, and 1.5, besides a sharper signal at g' 
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= 2 that is likely due to a different species (Figure 2.12).  The three broad signals, which 
correspond to a rhombic spectrum, are unfortunately too broad to be simulated effectively.  
However, the broad solid-state spectrum suggests that no signal is observed in solution owing 
primarily to line-broadening making the signal indistinguishable from the baseline; the solution 
sample necessarily contains many fewer spins than the solid-state sample.   
For comparison, the complex Co[N(SiMePh2)2]2 exhibits EPR signals at g' = 4.27 and 
2.11;57 Co[N(Ph)BMes2]2 gives signals at g' = 7.75 and 2.11;58 and Co[N(Mes)BMes2]2 gives 
signals at g' = 2.10, 1.89, 1.84, and 1.74.58  Co[N(H)ArMe6]2 and Co[N(H)AriPr6]2 are reported to 
both give a signal at g' = 6 – 6.7,14 although the spectra in the SI of that paper might be 
interpreted as Co[N(H)ArMe6]2 exhibiting a rhombic spectrum in which gz and gy are slightly 
overlapping and each split first by hyperfine coupling to 59Co (I = 7/2) and further by a less fully 
resolved coupling to a second nucleus, and Co[N(H)AriPr6]2 exhibiting an axial spectrum in 
which g|| is split similarly.  
2.4.4 AOM assessment of the electronic structures of two-coordinate compounds: 
Relations between molecular geometry and d-orbital splitting.  Density functional theory 
(DFT) calculations have been employed to understand the electronic structures of some two-
coordinate compounds,3,15-17,24,27,59,97,98 and we will make use of the results of these studies.  It is 
well known, however, that DFT methods struggle to provide accurate results for van der Waals 
interactions99 and systems characterized by degenerate or near-degenerate states,9 which are both 
important features of open-shell two-coordinate transition metal complexes.7,16  State-of-the-art 
ab initio computations have very recently been applied to two-coordinate, open-shell molecules 
(CASSCF/NEVPT2,9,19 or CASSCF/CASPT225).  In one case, the calculated state energies 
(approximately, the d-orbital energies) are +/- 10 % of those deduced from d←d transitions in 
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the near infrared region.  Although the absolute error in these calculations is relatively small (on 
the order of 700-1000 cm-1, or 2.0-2.9 kcal/mol), there is reason to suspect that the accuracy may 
not be good enough to draw firm conclusions about the electronic structure:  owing to the 
extreme flatness of the potential energy surface, the absolute error is comparable to (about half 
of) the estimated energetic cost of deviations of 30° in the bend angle.   
Some authors have used the crystal field theory (CFT)100 to model the electronic 
structures and rationalize the properties of two-coordinate transition metal complexes.7,12-14  As a 
parametric molecular orbital theory,69 which naturally handles anisotropic π-bonding and can be 
extended to include s-d mixing effects,101-103 the angular overlap model (AOM) surpasses the 
CFT in both rigor and explanatory power (especially for low-symmetry compounds).  Here we 
will use the AOM approach as a way to obtain a general understanding of the electronic 
structures of two-coordinate transition metal compounds.  We will then apply this understanding 
to the interpretation of the molecular structures and magnetic properties of specific complexes, 
particularly compounds 1-4.  In selecting the AOM eσ and eπ parameters (which describe the 
maximum possible σ- and π-bonding interaction strength for metal-ligand bonds in a compound), 
we will draw on the parameters recently extracted from high-level ab initio calculations on a 
series of two-coordinate iron(II) compounds, including compound 2.9  In that work, part of a 
larger program in correlating ab initio and ligand field calculations,104 the authors noted the 
efficacy of the AOM for describing two-coordinate iron(II) compounds.9  
Because amido ligands are anisotropic π-donors, the effect of π-donation in a M(NR2)2 
compound depends on the dihedral angle φdihedral between the two NR2 planes (we will call the 
conformation “staggered” when φdihedral is near 90°, and “eclipsed” when φdihedral is near  0°).  We 
will therefore consider three limiting cases which approximate nearly all of the known two-
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coordinate compounds: isotropic π-donor ligands,§ staggered anisotropic π-donor ligands, and 
eclipsed anisotropic π-donor ligands.  The linear d6 compounds Fe[C(SiMe3)3]2, Fe[N(t-Bu)2]2, 
and Fe[N(H)AriPr6]2 exemplify these limiting cases.  In the following discussion we will consider 
the ligand-metal-ligand (L-M-L) axis of a linear compound as the z-axis.  
For any linear two-coordinate ML2 compound, the CFT model predicts a d-orbital 
ordering of (xy, x2-y2) < (xz, yz) < (z2),7 as shown in Figure 2.13a.  For a linear compound with 
either isotropic π-donor ligands (maximum idealized symmetry of D∞h) or staggered anisotropic 
π-donor ligands (idealized D2d symmetry), the AOM predicts the same ordering, unless 4s-3d 
mixing is very strong (which will lower only the z2 d-orbital).  The relative orbital energies can 
be written as (xy, x2-y2) = 0, (xz, yz) = eπx + eπy, (z2) = 2 eσ – 4 esd, as shown in Figure 2.13b.  
For the staggered anisotropic π-donor compounds, the idea that one amide p-orbital can donate 
into the xz d-orbital and the other into the yz is overly simplistic; in a D2d structure, the mutually 
orthogonal amide p-orbitals lie rotated 45° with respect to the x and y axes (which are also the 
C2' axes of the compound), and it is the two symmetry-adapted linear combinations (SALCs) of 
the amide p-orbitals which overlap with the two d-orbitals.  This view of the π-bonding is 
supported by DFT calculations for Fe[N(t-Bu)2]2.3  For eclipsed anisotropic π-donor ligands 
(idealized D2h symmetry), the AOM predicts the ordering (xy, x2-y2) < (yz) < (xz) < (z2), as 
shown in Figure 2.13c, unless s-d mixing is very strong (which again affects only the z2 d-orbital 
energy).  The separation between the xz and yz d-orbital energies depends on the π-bonding 
anisotropy, with the energies written as (yz) = 2 eπy and (xz) = 2 eπx.  High-level ab initio 
calculations for Fe[C(SiMe3)3]2, Fe[N(t-Bu)2]2, and Fe[N(H)AriPr6]2 support the AOM ordering 
of d-orbitals.9   
                                                 
§ Even the nominally σ-only tris(trimethylsilyl)methyl ligand is calculated at the CASSCF/NEVPT2 level to perturb 
the metal π-symmetry d-orbitals in Fe[C(SiMe3)3]2 as if it were isotropically π-donating.9   
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We now turn to the effects on the d-orbital splitting of distorting the structure of a two-
coordinate metal complex.  We consider two important distortion coordinates: changes in the L-
M-L angle θLML (bending), and changes in the dihedral angle φdihedral between the two ligand 
planes.  Symmetric or asymmetric distortion of the M-L bond lengths are not evaluated because 
these cannot be effectively assessed within the AOM framework without knowledge of how the 
magnitudes of the eσ and eπ parameters vary with changes in distance; such effects would be 
difficult to observe experimentally in any case.  We will maintain the axis system chosen above 
for consistency, and bending of the L-M-L angle will be taken as occurring in the xz plane.   
For all three classes of ligands, bending the L-M-L angle θLML in the xz plane transfers 
some σ-bonding from the z2 d-orbital to the xz d-orbital without mixing these orbitals, and mixes 
the x2-y2 and z2 d-orbitals.  Figure 2.14 displays the variation in the σ-bonding contributions to 
the d-orbital energies for angles varying between 90° ≤ θLML ≤ 180°.  Because the s-d mixing is 
symmetry-controlled and treated as a second-order perturbation, bending decreases mixing of the 
4s-orbital with the z2 3d-orbital without redistributing it to the xz d-orbital.  Bending the L-M-L 
angle redistributes the π-bonding among all five d-orbitals, as shown in Figure 2.15.  Here, the 
xy and xz d-orbitals mix, as do the yz, z2, and x2-y2 d-orbitals.  Because this orbital mixing gives 
rise to off-diagonal elements in the AOM Hamiltonian, Figures 2.14 and 2.15 are approximations 
in the limit of no π-bonding and no σ-bonding, respectively, because both figures neglect eσ × eπ 
cross terms arising in the off-diagonal elements.  Our intention is not to give an exact description 
of the bonding in any particular case, but rather to provide an essentially correct but general 
picture of the effect of distortion on the orbital energies. 
For a given θLML bend angle, the σ-bonding is unaffected by changes in the dihedral angle 
φdihedral between the two NR2 ligand planes.  In contrast, as φdihedral is decreased from 90° toward 
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0° (which we will call “dihedral compression”), the eπx coefficient increases toward the 
maximum possible value of 2 for xz, and decreases to zero for yz (Figure 2.16, narrow lines), 
while the eπy coefficient decreases to zero for xz, and increases toward the maximum possible 
value of 2 for yz.  (For isotropic π-donor ligands, these changes are mutually compensating.)  
The mixing that results from bending θLML, discussed above, does not significantly alter this 
general description provided that θLML is not too far from 180° (Figure 2.16 shows the variation 
for θLML = 160°, bold lines).   
2.4.5 Effects of electron-electron repulsion on the state energies derived from the d-
orbital splitting.  In order to apply these AOM-derived conclusions about the d-orbital splitting 
to real molecules, electronic states must be constructed from the splitting diagrams.  Usually, one 
assumes that the electronic states of molecules can be constructed by filling the d-orbital splitting 
diagram from the bottom up (Aufbau principle).  However, this practice neglects the effects of 
electron-electron repulsion.  The first result of electron-electron repulsion is the possibility of 
more than one spin state when more than one d-electron is present.  As is well known, a high-
spin configuration is obtained when the d-orbital splitting is smaller than the spin-pairing energy 
(which can be expressed as a sum of Racah’s B and C electron-electron repulsion parameters),105 
and a low-spin configuration otherwise.  For two-coordinate complexes, the ligand fields are 
sufficiently weak (owing to the small number of ligands) to induce high-spin configurations.7 
For high-spin d5-d9 compounds, the five α-spin electrons exert a uniform repulsion on 
any β-spin electrons.  Thus, these systems can be considered as high-spin, effective d0-d4 
compounds.  The d0 and d1 configurations have a single free-ion term, and are described 
sufficiently by the Aufbau procedure.  For high-spin d5 compounds this term is a sextet state 
generated by occupying all five d-orbitals.  For high-spin d6 (effective d1) compounds, the single-
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electron d-orbital splitting diagrams generate five quintet states, each state corresponding to 
placing the sixth electron in a different d-orbital (the lowest-energy d-orbital generating the 
ground state, and the other orbitals generating the first four quintet excited states).  For effective 
d1 systems, inter-electron repulsions are the same for all of these states.106  By employing the 
hole formalism, in which n-electron states are considered as (10 – n)-hole states, d4 and d9 
compounds can be treated in the same fashion as d6 and d1 compounds. 
Other d-electron configurations introduce electron-electron repulsions that vary from 
state to state depending on the spatial distribution of electrons.  For high-spin d7 (effective d2) 
compounds, the electron-electron repulsion is larger when the two β-spin electrons are confined 
to a single plane.  As a result, three of the ten high-spin states for the free ion are characterized 
by stronger electron-electron repulsion and correspond to a 4P term (3P for d2).  These states lie 
15B higher in energy (where B is the Racah parameter describing this form electron-electron 
repulsion, the spatial complement of the spin-pairing energy105) than the remaining seven states, 
which correspond to a 4F term.  Employing the hole formalism, high-spin d8 compounds can be 
treated as d2 systems with the strong-field state ordering inverted (the higher-energy 3P free-ion 
term now contains the three states that confine the two holes to a single plane).  For a d2 ion in a 
D∞h ligand field, Figure 2.18 displays the correlation between the free-ion terms (with the 
splitting of these terms in the weak-field limit) on the left, and the strong-field limit (with the 
strong-field configurations) on the right (see Figure 2.21 for a similar diagram with a schematic 
representation of state mixing).   
The resulting diagram shows the expected strong-field d2 ground state, (xy, x2-y2)2, but 
also that this configuration (confining the two electrons to the xy plane) derives from the 3P free-
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ion term.**  We thus arrive at the surprising conclusion that in any but the strongest ligand fields, 
this configuration must not be the ground state.  One way to interpret this result is by analogy to 
the spin-pairing energy.  It is well known that if the energetic penalty for spin-pairing two 
electrons is larger than the energy gap to the next highest orbital, the compound will adopt a 
high-spin configuration.  Similarly, if the energetic penalty for confining two electrons to a 
single plane is larger than the energy gap to the next highest state, the compound will adopt the 
next highest state as the ground state.  The correlation diagram for a d8 ion in a D∞h field (Figure 
2.20) shows that a similar conclusion applies to this case: the strong-field ground state with the 
configuration (xy, x2-y2)4(xz, yz)3(z2)1 is not the weak- or intermediate-field ground state owing 
to strong electron-electron repulsion.  Because the ligand fields generated by two ligands are 
weak and the xy and x2-y2 d-orbitals are generally non-bonding and lowest in energy, in many 
two-coordinate d7 and d8 compounds the ground state must not be the one predicted simply by 
placing the β spins in the d-orbital splitting diagram from the bottom up.  Electron-electron 
repulsion turns out to be a very important (but hitherto overlooked) feature in understanding the 
electronic structures and properties of two-coordinate compounds.   
2.4.6 Electronic structures of two-coordinate compounds, incorporating electron-
electron repulsion.  With these interesting results in hand, now let us turn to general semi-
quantitative estimates of the energetics of two-coordinate compounds as a function of geometry 
and d-electron count.  Including the effects of electron-electron repulsion, the AOM analysis 
shows that distortion of a M(NR2)2 molecule from D2d geometry has the following effect on the 
total energy:  neglecting s-d mixing, a distortion of 30° in either θNMN or φdihedral costs nothing for 
                                                 
** This assignment of the 3P-derived 3Σg- state is entirely supported by the literature on gas-phase metal dihalides107 
(as well as C∞v diatomic molecules108), although the importance of this fact seems to have been overlooked.  It is not 
strictly true that the 3Σg- states have configurations (xz, yz)2 (3F) and (xy, x2-y2)2 (3P) in a weak field; rather, these 
states are mixed, with the 3F state having a 4:1 mixture of (xz, yz)2 and (xy, x2-y2)2, and the 3P state having a 1:4 
mixture.107,108  Throughout the text, we will refer to mixed wavefunctions by their dominant orbital contribution. 
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d5; < 0.07 × (eπx + eπy) for d6; < 0.7 × (eπx – eπy) for d7 (and can be favored by up to 0.5 × (eπy – 
eπx) when eπy / eπx < 0.5), and < 0.2 × (eπx – eπy) for d8 (and can be favored by up to 0.5 × (eπy – 
eπx)).  Accounting for s-d mixing increases the maximum cost of these distortions by ca. 0.75 esd 
for d5 and d6, and by up to ca. 2 esd for d7 and d8.  To put these results in perspective, using 
reasonable9,74,101 values of eσ = 6000 cm-1, eπx = 5000 cm-1, eπy = 2000 cm-1, esd = 1500 cm-1, and 
B = 800 cm-1, we conclude that all of the possible structures for near-staggered d5-d8 M(NR2)2 
compounds with 150° < θNMN < 180° and 60° < φdihedral < 90° have energies that lie within 5 
kcal/mol of one another.  A similar conclusion pertains to near-eclipsed M(NR2)2 compounds 
with 150° < θNMN < 180° and 0° < φdihedral < 30°, which have energies that lie within 7 kcal/mole 
of one another.  Finally, for isotropic π-donor complexes (now using eπ = 5000 cm-1), all 
compounds with 150° < θLML < 180° lie within 9 kcal/mol of one another (for eπ = 3000 cm-1 the 
spread in energies is ca. 5 kcal/mol).  We conclude that two-coordinate compounds can tolerate 
large structural distortions because the energetic penalties are only small fractions of the metal-
ligand bond energy.  This conclusion has previously been reached empirically by examining the 
geometries of known compounds,7,57,58 but the AOM results allow us to deduce that the potential 
energy surface is flat within a few kcal/mol for most or all two-coordinate transition metal 
compounds. 
2.4.7 Electronic structures of M[N(t-Bu)2]2 compounds 1-4.  We now apply these 
AOM-derived general conclusions to molecules 1-4.  The di(tert-butyl)amido ligand always has 
the tert-butyl groups arranged with only a C2 symmetry axis (the tert-butyl groups on a single 
ligand interdigitate), and thus the highest symmetry available for M[N(t-Bu)2]2 is D2.  In this 
point group no strict degeneracy exists, and any vibronic coupling will be pseudo-Jahn-Teller in 
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nature (in several cases an accidental degeneracy will arise).3,9,64, ††  Any vibronic effects will 
make bending more favorable, although we will not attempt to assess their impact here.‡‡  In the 
discussion below, energies are estimated using AOM parameters extracted from the ab initio 
calculations for Fe[N(t-Bu)2]2 (2).9  These parameters are eσ = 3977, eπx = 4530, and eπy = 2321 
cm-1; s-d mixing is known to be important, but esd was not determined.  Although those authors 
calculate that B = 1818 cm-1, this value seems unrealistically large because the free-ion value74 is 
ca. 1060 cm-1 and typical orbital reduction factors are about 0.85.107  Using this factor leads us to 
expect that B should be about 900 cm-1.  We note that it is not generally true that eσ and eπ 
parameters can be transferred between metals.112  This is because information about both the 
metal and the ligand is embedded in these parameters.  Although the conclusions presented 
below remain valid, the specific numeric results should thus be viewed as only semi-quantitative. 
For the high-spin d5 manganese(II) compound 1, each d-orbital will be singly occupied 
and the resultant 6A electronic ground state is non-degenerate.  Because the d-orbital energies are 
mutually compensating when the orbitals are equally occupied, the compound has no first-order 
electronic preferences with respect to molecular structure.  The second-order loss of s-d mixing 
on bending favors a linear structure without a dihedral angle preference.  The cost of bending 
scales with the strength of the s-d mixing; a 30° bend in θNMN to 150° costs 0.75 esd (e.g., for esd 
= 500 cm-1, the 30° bending penalty is 375 cm-1, 1.1 kcal/mol).  This description is consistent 
with the observed linearity of 1, but does not explain the dihedral angle of 80.0(1)°.  We have 
shown above that the crystallographic data are consistent with the hypothesis that intermolecular 
contacts are responsible for the closing of this dihedral angle below 90°.  
                                                 
†† Many authors prefer the local symmetry description, considering N-M-N only, in which linear molecules have 
D∞h symmetry and vibronic coupling is Renner-Teller in nature.   
‡‡ Although a method of estimating the strength of vibronic coupling in the AOM framework has been 
proposed,109,110 it can underestimate the vibronic effects by an order of magnitude or more.111 
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The high-spin d6 iron(II) compound 2 is expected to have an electronic configuration of 
(xy, x2-y2)3(xz, yz)2(z2)1, with an accidentally degenerate 5B1 (xy)2 or 5A (x2-y2)2 ground state.  
The xy and x2-y2 orbitals have δ character with respect to the ligands and therefore are metal-
ligand non-bonding.  Dihedral compression does not alter the energy of either orbital, and 
bending increases both energies weakly and at a similar rate.  Thus, although the states are 
accidentally degenerate, there is neither a symmetry requirement nor a driving force on the 
adiabatic potential energy surface for distortion from a linear structure.  The energetic preference 
for linearity will be the same as for the d5 configuration (viz., 0.75 esd at N-M-N = 150°) plus a 
small contribution from the sixth electron; using the parameters extracted from ab initio 
calculations, this contribution is about 400 cm-1 for bending away from linearity by 30°.  The 
observed linearity of 2 is consistent with this description, although the dihedral angle of 80.5(1)° 
is not explained.  Just as in 1, we have shown above that the dihedral angle may be a 
consequence of the crystalline packing.   
Previous DFT calculations generally support the electronic structure described above for 
2, although the Kohn-Sham analysis suggests that mixing in of the 4s-orbital causes a reordering 
of the d-orbital energies to the configuration (x2-y2)2(xy)1(z2)1(xz)1(yz)1.3, §§  We cannot rule out 
this possibility for 2, because this configuration would still give rise to a nearly degenerate 
ground state as experimentally observed.  More recent ab initio calculations,9,10 however, suggest 
the configuration is (xy)2(x2-y2)1(xz)1(yz)1(z2)1, in which 4s-3d mixing does lower the energy of 
the z2 orbital but leaves it above the other d-orbitals.  These calculations also predict that there 
should be a small energy difference (766 cm-1) between the xy and x2-y2 orbitals attributed to 
                                                 
§§ The occupied Kohn-Sham spin-orbitals are α(xy, x2-y2, z2, xz, yz), β(x2-y2), with the unoccupied spin-orbitals 
ordered β(z2, xz, yz, xy).  The labels in the original SI confuse the x2-y2 and xy orbital names, but have symmetry 
labels (and geometry in the visualizations) consistent with the above ordering.  The ground state is also denoted 5A, 
which must be the (x2-y2)2(xy)1 state.  The 5B1 (x2-y2)1(xy)2 state lies 2.08 kcal/mol (727 cm-1) higher in energy.3 
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distortion of the ligand field from axial symmetry.  Either weak Fe…H-C 3c-4e bonds or weak δ-
bonding can be invoked to rationalize this splitting (see below and Chapter 4).  The computed 
near-degeneracy of the electronic ground state is consistent with the large orbital contribution to 
the effective magnetic moment (μeff = 5.55 μB, vs. 4.90 μB for spin-only S = 2) and the very large 
internal hyperfine field of 2.3  
Neglecting electron-electron repulsion, the high-spin d7 cobalt(II) compound 3 in a linear, 
staggered geometry would have an electronic configuration of (xy, x2-y2)4(xz, yz)2(z2)1, affording 
a 4B1 ground state isolated from the first excited states by about (eπx + eπy), or ca. 7000 cm-1.  
Distortion to the observed structure (θNMN = 162.4(4)°, φdihedral = 72.9(1)°) incurs an energy 
penalty corresponding to the loss of s-d mixing on bending in the d5 configuration (ca. 0.35 esd), 
plus a penalty from the sixth and seventh electrons for bending which is ca. 290 cm-1 (the 
dihedral compression being essentially costless).  Even for esd = 1500 cm-1, the total penalty is 
only about 700 cm-1 (2 kcal/mol).  The excited states remain well separated from the ground 
state, by ca. 6000 cm-1, and there should be no orbital contribution to the magnetic moment.  In 
contrast, the observed magnetic moment of 3 (μeff = 5.07 μB at 0.01 T, vs. 3.87 μB for spin-only S 
= 3/2)2 displays a larger orbital contribution than does the moment of 2, which requires the first 
excited state to be similarly low in energy (although the spin-orbit coupling constant is larger for 
cobalt(II) than for iron(II),113 it is only about 1.7× larger).***  We thus can offer an explanation of 
the molecular structure of 3 (the small electronic energy penalty for bending could easily be 
                                                 
*** This reasoning derives from formulae used in the CFT model:63 μeff = g[S(S + 1)]½ and g = gel – 2κλα/ΔE, in 
which S is the spin, gel is the free electron g-factor, κ is an orbital reduction factor, λ is the spin-orbit coupling 
constant, α is the expectation value of the ground and excited states with the orbital angular momentum operator 
(here, α = 4)14,114, and ΔE is the energy difference between the ground and excited states.  An analogous formula can 
be used to take into account mixing of the ground state with more than one low-lying excited state.114,115  In 
symmetry lower than cubic, the g tensor has more than one principle component; each is calculated separately, and 
μeff is calculated from the average g value.  The magnetic susceptibility of 2 can be fit in this way with the ΔE from 
ab initio calculations (766 cm-1)9 if the orbital reduction factor is about κ = 0.75 (cf. κ = 0.49 used for [Co(SPh)4]2-) 
116.  Using this value for κ and assuming a linear geometry, the ΔE value for 3 would be about 500 cm-1. 
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overcome by packing forces, and dihedral compression is costless), but we cannot explain its 
magnetic moment on the basis of the AOM model when electron-electron repulsion is neglected.   
We can, however, explain both the structure of 3 and its magnetism by taking electron-
electron repulsion effects into account.  The 4B1 ground state configuration derives from the 4P 
free-ion term (see Figures 2.18-2.19 and 2.21; this is the δg2 configuration in D∞h), which can be 
understood as having the two β-spin electrons confined to the xy plane.  Electron-electron 
repulsion increases the energy of this electronic state sufficiently that the ground state must 
instead be one of the singly promoted excited states having a configuration (xy, x2-y2)3(xz, 
yz)3(z2)1.  Although not strictly degenerate, there are four accidentally degenerate states of this 
configuration (the δgπg configuration in D∞h), which mix and split in the ligand field.  As shown 
in Figure 2.21, the ground state is 4Φg in D∞h; comparison with Figure 2.19 shows that this state 
corresponds to the (xy, yz)2 and (x2-y2, yz)2 β-spin configurations.  In these states (using B = 800 
cm-1, because B in the free ion is ca. 100 cm-1 smaller for cobalt(II) than iron(II)), the energetic 
penalty arising from loss of s-d mixing on bending in the d5 configuration (ca. 0.35 esd) is offset 
by a benefit for the sixth and seventh electrons of ca. 600 cm-1 (owing to both bending and 
dihedral compression lowering the energy of the yz orbital).  Even for esd = 1500 cm-1, the 
observed structure is favored over a linear structure by ca. 90 cm-1.  This description is entirely 
consistent with the observed structure (which still may be affected by packing forces because of 
the rather weak electronic preferences of the metal center).  Importantly, the nearly degenerate 
ground state is predicted to give rise to a large orbital magnetism, as observed.  We calculate the 
energy gap between the ground and first excited states to be about 350 cm-1.  The g-value gav = 
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2.51 estimated††† from this electronic structure should generate an effective magnetic moment of 
4.87 μB,‡‡‡ similar to the observed μeff = 5.07-5.24 μB at 0.01-0.1 T.   
Neglecting electron-electron repulsion, the high-spin d8 nickel(II) compound 4 in a linear, 
staggered geometry would have an electronic configuration of (xy, x2-y2)4(xz, yz)3(z2)1, 
corresponding to a 3B2 or 3B3 ground state that is accidentally degenerate owing to the presence 
of three electrons in the (xz, yz) pair.  Distortion to the observed structure (θNMN = 160.9(2)°, 
φdihedral = 80.6(1)°)2 incurs a similar penalty to that in 3 for loss of s-d mixing on bending in the 
d5 configuration (ca. 0.32 esd), although this is offset by a net benefit for the three β-spin 
electrons of ca. 400 cm-1 (primarily owing to dihedral compression, although bending is also 
weakly favored for these three electrons).  Thus, when esd = 0 cm-1, the observed structure is 
favored by 400 cm-1; however, when esd = 1500 cm-1, it is disfavored by 85 cm-1.  The distortion 
only weakly removes the degeneracy of the ground state, and significant orbital contributions to 
the magnetism should be observed.  In contrast, the magnetic moment of 4 is only a little higher 
than the spin-only value (μeff = 3.02 μB at 0.05 T, vs. 2.83 μB for spin-only S = 1).2 
However, this ground state configuration derives from the 3P free-ion term and confines 
the three β-spin electrons primarily to the xy plane and one of the xz or yz planes (this is perhaps 
easier to visualize in the hole formalism; the two holes are confined to either the d-orbital pair 
(xz, z2) or (yz, z2).  Thus, the holes are confined to the xz plane or the yz plane, and hole-hole 
repulsion increases the energy of the term).  Electron-electron repulsion increases the energy of 
                                                 
††† We have estimated g using the effective spin Hamiltonian method briefly described in the previous footnote.114,115  
We have calculated the principle components of the Λ tensor where Λij = αij/ΔEij, and then found the average g-
value as 1/3Tr(g), where g is the tensor with components gij = gel – 2κλΛij.  Because the wavefunctions for 3 are 
multiconfigurational, we have calculated the values αij by treating each wavefunction as a linear combination of the 
single configurations comprising that wavefunction (using the coefficients calculated by AOMX).  We have used the 
C2 point group for these calculations; using the D2 values for α gives μeff = 5.48 μB. 
‡‡‡ Repeating the same calculations for B = 0 cm-1 gives μeff = 3.99 μB, inconsistent with experiment. 
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both electronic states sufficiently that the ground state is instead the singly promoted excited 
state, (xy, x2-y2)4(xz, yz)2(z2)2.  Distortion of this new ground state (using B = 900 cm-1 again, 
because B in the free ion is about the same for nickel(II) and iron(II)) retains the penalty for loss 
of s-d mixing on bending in the d5 configuration (ca. 0.32 esd), but the net benefit for the three β-
spin electrons decreases to ca. 50 cm-1 (e.g., the observed structure is now disfavored by 476   
cm-1 for esd = 1500 cm-1).  The favorability of distortion is affected strongly by the choice of 
model parameters; for example, lowering eπy by 1000 cm-1 (to 1321 cm-1) makes distortion more 
favorable by about 700 cm-1.  Furthermore, distortion is favorable for the low-lying first excited 
state, a situation in which vibronic coupling can stabilize new minima on the ground-state 
potential energy surface (e.g., the 3B1 ground state and the 3B2 first excited state can couple via 
the b3 bending normal mode).  
The ground state of 4 as predicted by taking electron-electron repulsion into account is 
consistent with the magnetism of this compound.  The first two excited states now lie ca. 1200 
cm-1 and 1700 cm-1 above the ground state and contribute weakly to the orbital magnetism.  The 
g-value gav = 2.28 estimated from this electronic structure should give rise to an effective 
magnetic moment of 3.22 μB,§§§ in general agreement with the observed μeff = 3.02-3.11 μB at 
0.05-0.1 T. 
We conclude that states constructed from the d-orbital splitting diagram neglecting 
electron-electron repulsion predict that molecules 1-4 should be linear (assuming some 4s-3d 
mixing occurs).  The ligand-ligand dihedral angles are predicted to be near 90° for 1-3 and 0° for 
4, removing the degeneracy of the ground state of 4.  Adding appropriate electron-electron 
                                                 
§§§ Interestingly, repeating this calculation for B = 0 cm-1 yields μeff = 3.20 μB, which agrees just as well with 
experiment.  Thus, the modest lifting of the degeneracy and lowering of symmetry on molecular distortion 
apparently is sufficient to quench the orbital magnetism, even neglecting electron-electron repulsion.   
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repulsion terms changes these predictions to favor bending and dihedral compression in the 
cobalt compound 3, but disfavor bending and dihedral compression in the nickel compound 4 
(for some parameter choices).  The molecular structures of the compounds 1-4 are not 
necessarily determined by the very weak electronic preferences of the metal, and vibronic 
coupling may play a role, especially in the structure of 4.   
Importantly, electron-electron repulsions significantly alter the state energies for d7 and 
d8 compounds.  Here, the changes are sufficient to place several excited states quite low in 
energy for 3 (giving this compound a nearly degenerate ground state) and remove the degeneracy 
of the ground state of 4 (although molecular distortion does this also), allowing rationalization of 
the magnetism of both compounds.  The magnetic properties of all four compounds can thus be 
understood from the AOM-computed state energies provided that electron-electron repulsions 
are accounted for. 
2.4.8 Impact of electron-electron repulsion on the electronic structures and orbital 
magnetism of other two-coordinate compounds.  We now consider the orbital angular 
momentum contributions to the magnetism of other two-coordinate compounds.  When a 
ground-state degeneracy or near-degeneracy is not lifted by distortion (e.g., by vibronic coupling 
such as the pseudo-Jahn-Teller effect), first-order orbital angular momentum contributions to the 
magnetism should result.3,7,8,60  In discussing the magnetism of two-coordinate compounds with 
more than one high-spin free-ion term (i.e., the d2, d3, d7, and d8 configurations), it has generally 
been assumed that the ground state will naturally derive from an F free-ion term, as is necessarily 
the case in octahedral and tetrahedral coordination environments.  Thus, the effects of electron-
electron repulsion arising from spatial confinement of the electrons have been neglected.  
Ligands have also often been treated as isotropic π-donors, and s-d mixing has not been 
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accounted for in many cases.  Under these assumptions, degenerate ground states (and attendant 
orbital magnetism) have been predicted for linear two-coordinate molecules with d1, d3, d6, and 
d8 configurations.7  This prediction is at odds with experimental observations:  For example, the 
orbital contributions in the series of linear, eclipsed amido compounds M[N(H)AriPr6]2, for which 
M = V-Ni are known, are modest for the d3 and d8 vanadium(II) and nickel(II) compounds but 
large for the d7 cobalt(II) compound.14,15, ****  Similarly, the effective magnetic moment of the 
linear, eclipsed d8 amido compound Ni[N(SiMe3)Dipp]2 has only a small orbital contribution, 
whereas the linear, eclipsed d7 compound Co[N(SiMe3)Dipp]2 has a large orbital contribution.16 
One possible explanation of the magnetism of these compounds is that the d-orbital 
splitting is not as expected because of 4s-3d mixing.  Recent ab initio calculations on the linear 
d7 iron(I) alkyl Fe[C(SiMe3)3]2- are the first studies at this level of theory on any two-coordinate 
d7 or d8 compound.19  The d-orbitals in these calculations re-order to z2 << (xy, x2-y2) < (xz, yz), 
attributed to extremely strong s-d mixing depressing the z2 d-orbital.19  While s-d mixing should 
be stronger in the iron(I) alkyl compound than in the neutral iron(II) alkyl Fe[C(SiMe3)3]2 (where 
the mixing is already strong, lowering the z2 d-orbital to just above the xz, yz pair),9 the re-
ordering is surprising and requires that (2 eσ – 4 esd) < 0.  Although it has been proposed that 
other two-coordinate cobalt(II) and nickel(II) compounds adopt similar d-orbital splitting 
diagrams,16, †††† there is good reason to believe that s-d mixing is not exceptionally strong for the 
cobalt(II) and nickel(II) amido compounds (and therefore, that the d-orbitals do not re-order in 
this fashion).  That is, the ab initio d-orbital splitting diagrams9 for 2, Fe[N(H)AriPr6]2, and 
                                                 
**** The orbital contribution to the magnetism of the d6 iron(II) compound is also large,9,10,60 but this is correctly 
predicted and well understood.  Electron-electron repulsion does not alter the prediction for effective d1 compounds. 
†††† DFT calculations suggest that the nickel(II) imido compound (IPr*)Ni=NArMe6 (IPr* = 1,3-(2,6-(Ph2CH)2-4-
MeC6H2)2-imidazol-2-ylidene) has the d-orbital ordering (xy, x2-y2) < (z2) << (xz, yz), attributed to 4s-3d mixing.97  
Comparison of DFT3 and ab initio9 methods for 2 shows that DFT may over-estimate the effects of s-d mixing.  
More importantly, it should not be expected that imido-carbene and bisamido compounds will behave identically. 
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Fe[N(SiMe3)Dipp]2 are well reproduced by the AOM and explain quite well the magnetic 
properties of these d6 compounds; in the first two cases the z2 d-orbital lies highest in energy.  In 
Fe[N(SiMe3)Dipp]2, the z2 d-orbital lies between the yz and xz d-orbitals (which are split by ca. 
6500 cm-1 because the ligands are anisotropic π-donors in an eclipsed conformation).  Because 
the 3d-orbitals fall in energy more quickly than the 4s-orbitals on moving from iron(II) to 
cobalt(II) to nickel(II) (i.e., the energy separation is increasing),117 s-d mixing must be weaker in 
the cobalt(II) and nickel(II) complexes than in the iron(II) complexes, not stronger.  The z2 d-
orbital must therefore be one of the orbitals highest in energy in these compounds also.  In fact, 
DFT calculations on Ni[N(SiMe3)Dipp]2 support this reasoning and return the d-orbital order 
(xy, x2-y2) < xz < z2 < yz.27 
Another possible explanation of the magnetism of these d3, d7, and d8 compounds is that 
d-orbital splitting is not as expected because of anisotropic π-donation.7,14,15  We have shown 
above that taking into account π-donation using the AOM produces different d-orbital splitting 
diagrams for eclipsed vs. staggered conformations of anisotropic π-donor ligands (Figure 2.13), 
and that these d-orbital splitting diagrams match the ab initio calculations for iron(II) 
compounds.9  The amido ligands in both M[N(H)AriPr6]2 and M[N(SiMe3)Dipp]2 adopt eclipsed 
conformations, which splits the yz and xz d-orbitals in energy.  Importantly, the energy 
separation is large (2 × (eπx – eπy), ca. 6000 cm-1 in the iron(II) compounds,9 and large but 
unspecified for Ni[N(SiMe3)Dipp]216,27) and this should give rise to non-degenerate ground states 
with minimal orbital magnetism (even neglecting electron-electron repulsion).  While this does 
suffice to explain the approximately spin-only magnetism of d3 V[N(H)AriPr6]2, d8 
Ni[N(H)AriPr6]2, and d8 Ni[N(SiMe3)Dipp]2, it does not explain the large orbital magnetism of 
the corresponding d7 cobalt(II) compounds.  Spin-orbit coupling has been invoked to explain the 
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magnetism of the d7 compounds,14 but because fits to the magnetic susceptibility of 
Co[N(SiMe3)Dipp]2 require that L = 2 (i.e., the first electronic transition must be between the xy 
and x2-y2 d-orbitals),16 the ground state cannot be the one predicted by filling even the eclipsed π-
donor d-orbital splitting. 
We have shown above that electron-electron repulsion can re-order the electronic states 
of two-coordinate molecules in the d2, d3, d7 and d8 configurations, and we now consider the 
possibility of this re-ordering explaining the magnetism of d7 and staggered d8 amido 
compounds.  We start by formulating a revised prediction of when degenerate ground states will 
arise in two-coordinate compounds.  After accounting for the electron-electron repulsion, 
degenerate ground states can be expected for high-spin d1, d2, d6, and d7 linear two-coordinate 
compounds (assuming the ligands are σ- and π-donors).  Degenerate ground states will also arise 
for d3 and d8 configurations with isotropic or staggered anisotropic π-donor ligands only when 
(eπx + eπy) < 0.7 × (eσ – 2 esd), because the energy gap between the (xz, yz) d-orbitals and the z2 
d-orbital exceeds the spin-confinement energy (the cost of confining the β-spins to a single 
plane) at about this point.  The d7 and d8 predictions essentially reverse if the ligands are π-
acceptors, although no compounds of this type are yet known.  Strikingly, the magnetism of all 
of the above linear two-coordinate amido compounds can be rationalized straightforwardly based 
on this prediction.  This includes both of the series M[N(H)AriPr6]2 (M = V-Ni) and 
M[N(SiMe3)Dipp]2 (M = Fe, Co, Ni), as well as the compounds 1-4.  More generally, we 
interpret the previously unexplained7,14 orbital magnetism consistently observed for two-
coordinate compounds with d7 but not d8 configurations largely as a result of (1) eclipsed amido 
ligands for d8 compounds, (2) electron-electron repulsion in the weak ligand field, especially for 
d7 compounds, combined with (3) only modest changes in d-orbital energy even with relatively 
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large structural distortions.  The revised prediction that linear d2 and d7 compounds will have 
degenerate Φg ground states suggests that should a linear, two-coordinate titanium(II) or 
vanadium(III) compound be prepared, it will have a large orbital contribution to its magnetic 
moment (although the contribution will be negative, owing to the sign of the spin-orbit coupling 
constant13,15).  Similarly, a linear, two-coordinate d3 or d8 compound with staggered, weak π-
donor ligands should display a large orbital angular momentum contribution to its magnetism. 
2.4.9 Intramolecular non-bonded contacts.  A key finding is that the d-electronic 
potential energy surface for bending and dihedral distortions is relatively flat for compounds 1-4, 
and so we now turn our attention to intramolecular non-bonding contacts to explore their impact 
on the observed structures.  First, we can rule out the possibility that the linearity or non-linearity 
of the N-M-N angle is due solely to intramolecular steric effects.  One might expect that, owing 
to the steric demand of the di(tert-butyl)amido ligand, shorter M-N bonds would disfavor 
bending of the N-M-N angle or compression of the dihedral angle between ligand NC2 planes.  
However, the shortest crystallographically observed intramolecular ligand-ligand interactions 
(methyl-methyl distances between tert-butyl groups on different amides) are essentially invariant 
between 2 and 4, which differ only in bond lengths and bend angles, whereas 3 has two contacts 
ca. 0.5 Å shorter than the distances in 4 (and shorter than the sum of the van der Waals radii) 
owing to increased dihedral compression.  Thus, steric repulsions do not appear to inhibit 
bending, and only begin to disfavor dihedral compression at dihedral angles that are smaller than 
ca. 75°.  These repulsions explain why all of the compounds 1-4 (and also Zn[N(t-Bu)2]254) adopt 
nearly staggered conformations, despite an eclipsed conformation being electronically favorable 
for 3 (there is no electronic preference for 1 or 2, and 4 has only a weak electronic preference for 
staggered ligands).   
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2.4.10 Intramolecular M···H-C contacts.  We were similarly interested to explore the 
electronic significance of the observed M···H-C interactions.  The crystallographic results show 
that the shortest such metal-carbon distances are about 2.85 Å for the Mn compound 1, 2.80 Å 
for the Fe compound 2, 2.68 Å for the Co compound 3, and 2.66 Å for the Ni compound 4.  Our 
group has recently determined that a similar Ti···CH3 interaction of 2.634(3) Å in Ti2Cl6[N(t-
Bu)2]2 is essentially non-bonding and is enforced by steric crowding.55   
If the short M···H-C contacts in 2 are described in terms of three-center, four-electron 
(3c-4e) bonding,84-87 they are disposed to interact primarily with the xy orbital.  The AOM then 
predicts that the xy and x2-y2 d-orbitals should be split by ca. 2.3 eσMC, accompanied by a 0.5 
eσMC increase in the z2 d-orbital energy.  Interestingly, the Kohn-Sham spin-orbitals from DFT 
calculations reflect interaction of the t-Bu H-C bonds with the xy α-spin-orbital and the z2 α- and 
β-spin-orbitals, and no interaction with either x2-y2 spin-orbital.3  No such interactions appear in 
the results of calculations on the model staggered amide compounds Fe(NH2)2 and Fe(NMe2)2.3  
The first two quintet states (i.e., the states having the β-spin electron in x2-y2 or xy) are 
essentially degenerate in the model compounds, separated in energy by just 0.02 and 0.29 
kcal/mol, respectively, whereas these states are separated by 2.08 kcal/mol in 2.3  If we assume 
that the ca. 770 cm-1 (2.19 kcal/mol) splitting between xy and x2-y2 in the ab initio calculations is 
real‡‡‡‡ and results solely from the Fe···H-C interaction, we estimate that eσMC should be ca. 330 
cm-1 (0.95 kcal/mol), which is a plausible strength for a weak hydrogen bond.  This discussion is 
not merely academic: the effective magnetic moment and orbital contribution to the internal 
                                                 
‡‡‡‡ This d←d transition has an energy which should be observable in the infrared absorption spectrum (in the D2 
point group the transition is symmetry-allowed), but the IR spectrum of 2 contains no peaks not found in that of 1.  
This observation appears to rule out the possibility that the splitting has an energy between ca. 500 and 4000 cm-1, 
unless it falls in one of the regions obscured by the Nujol absorption bands.  However, it may be the case that the 
absorption is too weak to be observed despite being allowed, or that the molecular and electronic structures in 
solution (1-4 all dissolve in mineral oil) are different from in the solid state.   
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hyperfine field of 2 are considerably quenched relative to Fe[C(SiMe3)3]2, indicating some lifting 
of the degeneracy of the (xy, x2-y2) pair in 2.  For comparison, in Fe[C(SiMe3)3]2 the shortest 
Fe···C distances are 3.28 Å and the shortest Fe···H distances are 2.83 Å.  Not only are these 
distances outside of the range of even weak bonding interactions, in the D3d point group the (xy, 
x2-y2) pair is strictly degenerate and a symmetry-lowering distortion (e.g., one shorter Fe···C 
distance) is required to separate these orbitals energetically.  Because this degeneracy is not 
lifted for Fe[C(SiMe3)3]2, the effective magnetic moment approaches the free-ion value.8   
An alternative explanation of the partial quenching of the orbital angular momentum in 2 
vs. Fe[C(SiMe3)3]2 is that the di(tert-butyl)amido ligand acts as a weak δ-donor to the (xy, x2-y2) 
d-orbitals, much as it acts as an asymmetric π-donor (the four SALCs of the four N-C bonding 
orbitals of the two di(tert-butyl)amido ligands have σ, π, π, and δ symmetry with respect to iron).  
The splitting between the xy and x2-y2 d-orbital energies can be modeled using an AOM eδ 
parameter of ca. 400 cm-1, again a plausible value.  The three-fold symmetric trisyl ligand cannot 
be an effective δ-donor, because no SALC of the six Si-C bonding orbitals has δ symmetry with 
respect to iron.  We thus cannot definitively determine the source of the (xy, x2-y2) splitting in 2 
from the present evidence.  Further exploration of this topic can be found in Chapter 4.  
 
2.5 Concluding remarks 
 Our group has reported the synthesis and characterization of M[N(t-Bu)2]2 for M = Mn 
(1), Fe (2), Co (3), and Ni (4); these are the first two-coordinate, open-shell transition metal 
compounds containing dialkylamido ligands.1-3  The electronic structures of 1-4 as deduced from 
the AOM approach show that the potential energy surfaces are all relatively flat with respect to 
bending the N-M-N angle and changing the dihedral angle between the ligand NC2 planes.  
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Indeed, we have shown that the flatness of the potential energy surface is a general characteristic 
of two-coordinate open-shell compounds.  The AOM calculations show that a linear geometry is 
preferred for 1 and 2 with no dihedral preference.  The calculations also show that electron-
electron repulsions afford a weak electronic preference for 3 to be bent and for the dihedral angle 
to be less than 90°, and impart a similarly weak preference for a linear, staggered geometry for 4.  
The observed structures match these predictions except for 4 (for which the observed structure is 
favorable for slightly different parameter choices), in which vibronic coupling may be active to a 
low-lying excited state which favors distortion.  For all four molecules, intramolecular steric 
repulsions contribute to the dihedral angle being near 90°.  Our observations suggest that the 
solid-state structures of 1-4 may be influenced by crystal packing forces.   
A general result of our work is the recognition of the importance of treating subtleties 
such as π-bonding anisotropy and electron-electron repulsion for two-coordinate d2, d3, d7, and d8 
compounds.  Unlike octahedral and tetrahedral compounds, for two-coordinate compounds in 
these configurations the high-spin ground states predicted by filling the d-orbital splitting 
diagram from the bottom up correspond to a 4P (or 3P) free-ion term that is characterized by large 
electron-electron repulsions.  These repulsions arise from confining the unpaired electrons to a 
single plane, and the energetic penalty which we name the “spin-confinement energy” can be 
considered analogous to the spin-pairing energy which differentiates between high-spin and low-
spin configurations.  Taking this electron-electron repulsion term into account leads to different 
ground states that enable us to explain the previously rather baffling magnetic properties of two-
coordinate open-shell compounds.   
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2.7 Tables and figures 
Table 2.1  Values of pKa in DMSO and gas phase acidity for amines chemically related to 
amido ligands used to stabilize open-shell, two-coordinate transition metal 
compounds.a 
 
Amine pKa in DMSO Gas phase acidity, 
ΔG (kcal/mol) 
Related amido ligand 
enforcing two-coordination 
H3N >35118, b, 41119, c 396.1 ± 0.7118  
HN(iPr)2 > 35118, b, 35.7120, d 382.8 ± 0.4118  
Htmp > 35118, b, 37.3120, d 382.3 ± 0.4118 -N(t-Bu)2 
H2NPh 30.7119 359.1 ± 2.0121 -N(H)ArRn, Rn = Me6, iPr4, iPr6 
HN(Me)Ph 29.5122 357.5 ± 2.0122 -N(Np)Dipp 
HN(SiMe3)2 26118, 25.8123, d 349.0 ± 2.0118 -N(SiMe2Ph)2, -N(SiMePh2)2  
HNPh2 24.95124 343.8 ± 2.0122 -N(SiMe3)Dipp 
Carbazole 19.9119 337.4 ± 2.0122 -NC12H4-3,6-Me2-1,8-Ph2 
H2NPh·BH3  326.4 ± 2.2125 -N(Ph)BMes2, -N(Mes)BMes2 
 
a Abbreviations: Np = neopentyl; tmp = 2,2,6,6-tetramethylpiperidine; Dipp = 2,6-diisopropylphenyl; Mes = mesityl; 
ArMe6 = 2,6-dimesitylphenyl; AriPr4 = C6H3-2,6-Dipp2; AriPr6 = C6H3-2,6-(2,4,6-C6H2-iPr3)2. 
b less acidic than DMSO, pKa 35 
c estimated by extrapolation 
d measured in tetrahydrofuran 
 
Table 2.2  MS = +1 microstates of an effective d2 configuration.  The three bolded 
microstates correspond to the 3P state; the remaining seven microstates 
correspond to the 3F state. 
  MS 
  +1 
 +3 2
+ 1+ 
 
 +2 2
+ 0+ 
 
 +1 1
+ 0+ 
2+ -1+ 
ML 0 
-2+ 2+
-1+ 1+ 
 -1 -1
+ 0+
-2+ 1+ 
 -2 -2
+ 0+
 
 -3 -2
+ -1+
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Table 2.3  Revised crystallographic data for the revised model of compound 3.  Other data 
remain as given previously.2  
 
formula  CoC16H36N2 
R(int)  0.1015 
abs corr  face-indexed 
max, min transmission factors  0.966, 0.754 
data / restraints / parameters  3543 / 484 / 343 
GOF on F
2
 0.641 
R1 [I>2σ(I)] 0.0327 
wR2 (all data) 0.0580 
max., min. Δρelect (e.A
-3
) 0.150, -0.166 
 
 
Table 2.4   Selected bond lengths (Å) for Co[N(t-Bu)2]2, 3. 
Co-N(1) 1.840(2) C(1)-C(2) 1.528(4) C(9)-C(10) 1.533(4) 
Co-N(2) 1.886(8) C(1)-C(3) 1.532(4) C(9)-C(11) 1.542(4) 
Co-N(2B) 1.808(17) C(1)-C(4) 1.549(4) C(9)-C(12) 1.538(5) 
CoB-N(1) 1.839(6) C(1)-C(2B) 1.540(5) C(13)-C(14) 1.533(4) 
CoB-N(2) 1.928(11) C(1)-C(3B) 1.532(5) C(13)-C(15) 1.545(4) 
CoB-N(2B) 1.745(16) C(1)-C(4B) 1.522(5) C(13)-C(16) 1.534(4) 
N(1)-C(1) 1.472(2) C(5)-C(6) 1.527(4) C(9B)-C(10B) 1.535(5) 
N(1)-C(5) 1.481(2) C(5)-C(7) 1.537(4) C(9B)-C(11B) 1.532(5) 
N(2)-C(9) 1.474(4) C(5)-C(8) 1.533(4) C(9B)-C(12B) 1.538(5) 
N(2)-C(13) 1.475(4) C(5)-C(6B) 1.527(5) C(13B)-C(14B) 1.534(5) 
N(2B)-C(9B) 1.473(5) C(5)-C(7B) 1.532(5) C(13B)-C(15B) 1.535(5) 
N(2B)-C(13B) 1.469(5) C(5)-C(8B) 1.529(5) C(13B)-C(16B) 1.531(5) 
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Table 2.5   Selected bond angles (°) for Co[N(t-Bu)2]2, 3.   
N(1)-Co-N(2) 162.4(4) CoB-N(1)-C(1) 110.6(4) 
N(1)-Co-N(2B) 152.9(6) CoB-N(1)-C(5) 125.0(3) 
N(1)-CoB-N(2) 155.6(8) CoB-N(2)-C(9) 110.7(5) 
N(1)-CoB-N(2B) 163.3(1.1) CoB-N(2)-C(13) 125.3(6) 
Co-N(1)-C(1) 124.0(2) CoB-N(2B)-C(9B) 109.4(9) 
Co-N(1)-C(5) 113.5(2) CoB-N(2B)-C(13B) 123.8(9) 
Co-N(2)-C(9) 123.7(4) C(1)-N(1)-C(5) 122.4(2) 
Co-N(2)-C(13) 114.3(4) C(9)-N(2)-C(13) 121.9(5) 
Co-N(2B)-C(9B) 124.7(9) C(9B)-N(2B)-C(13B) 125.5(1.1) 
Co-N(2B)-C(13B) 109.6(8)   
Figure 2.1  Mn[N(t-Bu)2]2, 1, with the nearest four intermolecular methyl-methyl interactions 
indicated by open, dashed bonds.  Hydrogen atoms are omitted for clarity, and the 
thermal ellipsoids represent the 30 % probability surfaces.  Distances: C(2)-
C(3B): 3.694 Å.  C(3)-C(2A): 3.694 Å.  C(10)-C(11C): 3.786 Å.  C(11)-C(10D): 
3.786 Å. 
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Figure 2.2  Mn[N(t-Bu)2]2, 1, rotated 90°, with the nearest four intermolecular methyl-methyl 
interactions indicated by open, dashed bonds.  Hydrogen atoms are omitted for 
clarity, and the thermal ellipsoids represent the 30 % probability surfaces.  
Distances: C(2)-C(3B): 3.694 Å.  C(3)-C(2A): 3.694 Å.  C(10)-C(11C): 3.786 Å.  
C(11)-C(10D): 3.786 Å. 
 
 
 
 
 
 
 
 
93 
 
 
 
Figure 2.3  Molecular structure of Fe[N(t-Bu)2]2, 2, with the shortest four intermolecular 
methyl-methyl interactions indicated by open, dashed bonds.  Hydrogen atoms are 
omitted and the nearest molecules are truncated for clarity; thermal ellipsoids 
represent the 30 % probability surfaces.  Distances: C(2)-C(3A): 3.728 Å.  C(3)-
C(2B): 3.728 Å.  C(10)-C(11D): 3.631 Å.  C(11)-C(10C): 3.631 Å. 
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Figure 2.4  Molecular structure of Co[N(t-Bu)2]2, 3, from the revised structural model.  The 
30 % probability density surfaces of the major amide and major cobalt disorder 
components (representing between 51 % and 64.7 % of the ensemble) are shown; 
hydrogen atoms are omitted for clarity.  
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Figure 2.5  Co[N(t-Bu)2]2, 3, showing major cobalt and major amide sites, with all methyl-
methyl interactions shorter than 3.9 Å indicated by open, dashed bonds.  
Hydrogen atoms are omitted and the nearest molecules are truncated for clarity; 
thermal ellipsoids represent the 30 % probability surfaces.  Distances: C(6)-C(10): 
3.702 Å.  C(2)-C(14): 3.707 Å.  C(2)-C(8M): 3.759 Å.  C(7)-C(14C): 3.635 Å.  
C(8)-C(2J): 3.759 Å.  C(14)-C(7C): 3.635 Å.  C(16)-C(16E): 3.826 Å.  Co-N(1): 
1.8395(23) Å.  Co-N(2): 1.8862(80) Å.  N(1)-Co-N(2): 162.41(39)°.  
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Figure 2.6  Alternate view of the disorder component with major cobalt and major amide sites 
for Co[N(t-Bu)2]2, 3, with all methyl-methyl interactions shorter than 3.9 Å 
indicated by open, dashed bonds.  Hydrogen atoms are omitted and the nearest 
molecules are truncated for clarity; thermal ellipsoids represent the 30 % 
probability surfaces.  Distances: C(6)-C(10): 3.702 Å.  C(2)-C(14): 3.707 Å.  
C(2)-C(8M): 3.759 Å.  C(7)-C(14C): 3.635 Å.  C(8)-C(2J): 3.759 Å.  C(14)-
C(7C): 3.635 Å.  C(16)-C(16E): 3.826 Å.  Co-N(1): 1.8395(23) Å.  Co-N(2): 
1.8862(80) Å.  N(1)-Co-N(2): 162.41(39)°. 
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Figure 2.7  Disorder component with minor cobalt and major amide sites for Co[N(t-Bu)2]2, 
3, with all methyl-methyl interactions shorter than 3.9 Å indicated by open, 
dashed bonds.  Hydrogen atoms are omitted and the nearest molecules are 
truncated for clarity; thermal ellipsoids represent the 30 % probability surfaces.  
Distances: C(6)-C(10): 3.702 Å.  C(2)-C(14): 3.707 Å.  C(2)-C(8M): 3.759 Å.  
C(7)-C(14C): 3.635 Å.  C(8)-C(2J): 3.759 Å.  C(14)-C(7C): 3.635 Å.  C(16)-
C(16E): 3.826 Å.  CoB-N(1): 1.8388(58) Å.  CoB-N(2): 1.9284(107) Å.  N(1)-
CoB-N(2): 155.56(85)°. 
 
98 
 
 
 
 
Figure 2.8  Disorder component with major cobalt and minor amide sites for Co[N(t-Bu)2]2, 
3, with all methyl-methyl interactions shorter than 3.9 Å indicated by open, 
dashed bonds.  Hydrogen atoms are omitted and the nearest molecules are 
truncated for clarity; thermal ellipsoids represent the 30 % probability surfaces.  
Distances: C(2B)-C(2BD): 3.301 Å.  C(3B)-C(15A): 3.693 Å.  C(4B)-C(11L): 
3.711 Å.  C(7B)-C(14D): 3.688 Å.  C(11B)-C(4BL): 3.711 Å.  C(14B)-C(7BC): 
3.688 Å.  C(15B)-C(3BB): 3.693 Å.  Co-N(1): 1.8395(23) Å.  Co-N(2B): 
1.8075(167) Å.  N(1)-Co-N(2B): 152.94(63)°. 
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Figure 2.9  Disorder component with minor cobalt and minor amide sites for Co[N(t-Bu)2]2, 
3, with all methyl-methyl interactions shorter than 3.9 Å indicated by open, 
dashed bonds.  Hydrogen atoms are omitted and the nearest molecules are 
truncated for clarity; thermal ellipsoids represent the 30 % probability surfaces.  
Distances: C(2B)-C(2BD): 3.301 Å.  C(3B)-C(15A): 3.693 Å.  C(4B)-C(11L): 
3.711 Å.  C(7B)-C(14D): 3.688 Å.  C(11B)-C(4BL): 3.711 Å.  C(14B)-C(7BC): 
3.688 Å.  C(15B)-C(3BB): 3.693 Å.  CoB-N(1): 1.8388(58) Å.  CoB-N(2B): 
1.7452(162) Å.  N(1)-CoB-N(2B): 163.26(1.12)°. 
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Figure 2.10  Ni[N(t-Bu)2]2, 4, with the nearest four intermolecular methyl-methyl interactions 
indicated by open, dashed bonds.  The minor nickel site is shown with open 
bonds.  Hydrogen atoms are omitted and the nearest molecules are truncated for 
clarity; thermal ellipsoids represent the 30 % probability surfaces.  Distances: 
C(2)-C(15D): 3.858 Å.  C(4)-C(6F): 3.878 Å.  C(6)-C(4G): 3.878 Å.  C(15)-
C(2E): 3.858 Å. 
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Figure 2.11  Alternate view of Ni[N(t-Bu)2]2, 4, showing displacement of the nickel atoms into 
the larger dihedral pocket, with the nearest four intermolecular methyl-methyl 
interactions and intramolecular nickel-methyl interactions indicated by open, 
dashed bonds.  Hydrogen atoms are omitted and the nearest molecules are 
truncated for clarity; thermal ellipsoids represent the 30 % probability surfaces.  
Distances: C(2)-C(15D): 3.858 Å.  C(4)-C(6F): 3.878 Å.  C(6)-C(4G): 3.878 Å.  
C(15)-C(2E): 3.858 Å. Ni-C(8): 2.665 Å.  Ni-C(12): 2.670 Å.  NiB-C(4): 2.589 
Å.  NiB-C(14): 2.618 Å. 
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Figure 2.12  X-band EPR spectrum of powdered 3 at 4.5 K.   
 
 
 
Figure 2.13 Splitting diagrams for the d-orbitals in a two-coordinate, linear compound from 
(a) the Crystal Field Theory, (b) the AOM with staggered amido ligands, and (c) 
the AOM with eclipsed amido ligands.  
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Figure 2.14   AOM-calculated σ-bonding contributions to the d-orbital splitting as a function of 
bending the L-M-L angle for any two-coordinate compound (energies in units of 
eσ).  The z2 and x2-y2 d-orbitals mix; the pure orbitals are shown as dashed-dotted 
lines (-·-), and the admixed orbitals as continuous lines.  The crossing is avoided, 
but the higher-lying orbital has predominantly x2-y2 character when θLML < 100°.  
The dashed lines represent the energy of the higher-lying admixed orbital for 
varying strengths of s-d mixing, esd/eσ = 0.1, 0.2, 0.3, and 0.4 (larger esd 
suppressing the orbital more).  The s-d mixing is not redistributed on bending. 
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Figure 2.15   AOM-calculated π-bonding contributions to the d-orbital splitting as a function of 
bending the N-M-N angle for a M(NR2)2 molecule with φdihedral = 90° (energies in 
units of eπ; the eπx and eπy coefficients are identical for this dihedral angle).  The 
z2, x2-y2, and yz d-orbitals mix; the pure orbitals are shown as dashed-dotted lines 
(-·-), and the admixed orbitals as continuous lines.  The xy and xz d-orbitals also 
mix; for these, the pure orbitals are shown as dashed lines and the admixed 
orbitals as continuous lines.  The dominant character of the higher-lying orbitals 
changes at the crossing points of the pure orbitals which mix. 
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Figure 2.16   AOM-calculated π-bonding contributions to the d-orbital splitting as a function of 
changing the dihedral angle between the ligand NR2 planes for a M(NR2)2 
compound (energies in units of eπx; the eπy parameter varies similarly, but with dyz 
increasing and dxz decreasing with decreasing φdihedral).  The narrow lines are for a 
molecule with θNMN = 180°.  The bold lines are for a molecule with θNMN = 160°; 
because of the bending, all of the orbitals have some π-antibonding character and 
mixing occurs as described in Figure 2.15.  
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Figure 2.17  Correlation diagram for a high-spin d2 compound with O symmetry.   
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Figure 2.18   Correlation diagram for a d2 ion in a linear ligand field of D∞h symmetry.  In this 
point group, the real d-orbitals have the symmetries xy, x2-y2 = δg; xz, yz = πg; 
and z2 = σg+.  The strong-field ordering of the πg2-derived 3Σg- state and the 3Δg 
state depend on the relative magnitudes of the (π-δ) and (σ-π) energy differences; 
shown is the case when (π-δ) > (σ-π) because this is the order in ab initio 
calculations on d6 compounds.9  The strong-field configuration ordering is 
reversed for the d8 (two-hole) configurations—see Figure 2.20.  The weak-field 
splitting of the 3F term is exaggerated; all seven states are nearly isoenergetic.  
The lines connecting the strong- and weak-field states are schematic, because they 
neglect mixing of the states of the same symmetry.  The actual energies of the 3Σg- 
and 3Πg states will vary non-linearly with increasing field strength—see Figure 
2.21.  This does not change the main conclusion.  The strong-field splitting was 
computed with AOMX using parameters eσ = 6000 cm-1, eπx = 5000 cm-1, eπy = 
2000 cm-1, esd = 1000 cm-1, B = 0 cm-1, and C = 4000 cm-1.  Using eσ = 4000 cm-1 
and esd = 0 cm-1 gives the same results.  The weak-field splitting was computed 
with AOMX using parameters eσ = 60 cm-1, eπx = 50 cm-1, eπy = 20 cm-1, esd = 10 
cm-1, B = 1000 cm-1, and C = 4000 cm-1.  The ground state energy is set at zero in 
both the strong- and the weak-field cases.   
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Figure 2.19   Correlation diagram for a d2 ion in a linear ligand field of D2 symmetry (e.g., a 
linear M[N(t-Bu)2]2 compound with staggered ligands).  The weak-field splitting 
of the 3F term is exaggerated; all seven states are nearly isoenergetic.  The strong- 
and weak-field splitting were calculated using AOMX and the parameters given 
for Figure 2.18, but with φdihedral = 80°.  The ground state energy is set at zero in 
both the strong- and the weak-field cases. 
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Figure 2.20   Correlation diagram for a d8 ion in a linear ligand field of D∞h symmetry.  The 
configurations are labeled as two-hole configurations (the electron configuration 
can be deduced from this label; e.g., for the lowest strong-field hole configuration, 
the electron configuration is δg2πg).  The weak-field splitting of the 3F term is 
exaggerated; all seven states are nearly isoenergetic.  The strong- and weak-field 
splitting were calculated using AOMX and the parameters given for Figure 2.18.  
The ground state energy is set at zero in both the strong- and the weak-field cases. 
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Figure 2.21   Correlation diagram for a d2 ion in a linear ligand field of D∞h symmetry with the 
non-linear variation in energy with field arising from state mixing shown 
schematically.  The strong- and weak-field splitting were calculated using AOMX 
and the parameters given for Figure 2.18.  The ground state energy is set at zero in 
both the strong- and the weak-field cases. 
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Figure 2.22   Tanabe-Sugano diagram for a d2 ion in a linear ligand field of D∞h symmetry, 
calculated using AOMX.  State energies E are scaled by the Racah parameter B, 
following the convention of Tanabe and Sugano.74  Ligand field strengths, 
expressed in terms of the AOM eσ parameter because the octahedral splitting Δ is 
not well defined for a linear ligand field, are also scaled by the Racah parameter 
B.  The value of eπx is set to 0.6 eσ, and the value of eπy is set to 0.4 eπx (i.e., 0.24 
eσ).  The Racah parameter C is taken as 4B, and B is defined as 960 cm-1 (although 
this choice does not influence the diagram).  The two 3Σg- states are shown in 
orange to indicate that these states mix; the two 3Πg states are shown in blue for 
the same reason.   
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CHAPTER 3 
LOW-TEMPERATURE CHEMICAL VAPOR DEPOSITION OF  
MANGANESE, IRON, COBALT, AND NICKEL NITRIDE THIN FILMS FROM  
BIS[DI(TERT-BUTYL)AMIDO]METAL(II) COMPOUNDS AND AMMONIA* 
 
3.1 Contributions 
The work presented below continues the collaborative research program of Prof. J. R. 
Abelson and Prof. G. S. Girolami in the chemical vapor deposition (CVD) of transition metal 
nitride thin films.  Dr. T. S. Spicer, née Lasarz, and Dr. C. W. Spicer performed the initial work 
on the deposition of crystalline η-Mn3N2-x from Mn[N(t-Bu)2]2 in the presence of ammonia.1,2  
The study was incomplete, however, and Dr. A. N. Cloud and I reproduced and extended their 
results, which we then assisted in publishing.3  We subsequently examined the CVD of thin films 
of metal nitrides from the analogous iron, cobalt, and nickel di(tert-butyl)amido compounds in 
the presence of ammonia.  In all cases I prepared and loaded the M[N(t-Bu)2]2 compounds, and 
Dr. Cloud deposited and analyzed the films.  We worked together in designing the experiments 
and interpreting the data.  A description of our collaborative work can also be found in Dr. 
Cloud’s dissertation,4 as well as a recent paper.5  Dr. Cloud prepared the figures below, which 
are reproduced with his permission.  J. L. Mallek prepared and loaded the Hf(BH4)4 used in these 
studies, and his assistance is gratefully acknowledged. 
 
 
                                                 
* This chapter contains previously published material from T. S. Spicer, C. W. Spicer, A. N. Cloud, L. M. Davis, G. 
S. Girolami, and J. R. Abelson, J. Vac. Sci. Technol. A, 2013, 31, 030604, and from A. N. Cloud, L. M. Davis, G. S. 
Girolami, and J. R. Abelson, J. Vac. Sci. Technol. A 2014, 32, 020606.  This text has been republished under the 
general permissions of the copyright holder, a Member Society of the American Institutes of Physics, pertaining to 
re-use in dissertations.  
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3.2 Introduction 
Nitrides of manganese, iron, cobalt, and nickel are an interesting class of materials with 
useful mechanical, magnetic, and electronic properties (see also Chapter 1).  Current and 
potential applications of these transition metal nitrides include tool coatings, magnetic recording 
media, and battery electrodes.6,7  Although bulk samples of late transition metal nitrides have 
been extensively studied,8,9 thin films of these materials are difficult to prepare.  Magnetron 
sputtering of ferromagnetic materials can be problematic due to the reduction and destabilization 
of the magnetic flux near the target, resulting in relatively poor-quality films.10,11  For this and 
other reasons, such as increased conformality, chemical vapor deposition (CVD) represents an 
attractive alternative to physical vapor deposition (PVD) techniques.  High-temperature (> 400 
°C) plasma-enhanced CVD techniques have been explored,6 but these techniques restrict the 
potential applications to those that involve thermally robust substrates.   
Manganese nitrides exhibit phase-dependent electronic and magnetic properties.12  
Manganese-doped gallium nitride is a magnetic semiconductor at room temperature and may 
have applications in spintronic, microelectronic, and optoelectronic devices.13-16  Mn4N films 
have recently been shown to be excellent barrier and adhesion layers for copper interconnects.17     
Relatively few studies of the deposition of films of manganese nitride phases have been 
reported, and most of these involve PVD approaches.  Films of η-Mn3N2 have been grown by 
molecular beam epitaxy (MBE).13  MnN has been deposited by ion-assisted deposition,18 and 
Mn3N2, Mn4N, and α-Mn by reactive sputtering.19  By controlling the percentage of nitrogen in 
the atmosphere, Mn4N and Mn3N2 could be prepared using reactive facing sputtering (at ca. 10 
% N2 and 30 % N2, respectively).20  High-temperature (800-1100 °C) CVD processes have been 
used to deposit Ga1-xMnxN, 0.003 ≤ x ≤ 0.015.14  The first example of CVD of any manganese 
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nitride phase was recently reported; Mn4N films were grown at 130 °C from bis(N,N'-
diisopropylpentylamidinato)manganese(II) and ammonia.17 
The earliest interest in iron nitride films was as wear-resistant coatings for steel tools.6  
FexN phases with 2 ≤ x ≤ 8 exceed pure iron in mechanical hardness and chemical stability, as 
well as saturation magnetization.6,21  In general, the high saturation magnetization, moderate 
coercivity, and easy perpendicular magnetization of iron nitrides make them compelling 
candidates for high density magnetic recording applications.6,21-23  The metastable bct α''-Fe16N2 
phase possesses an exceptionally high room-temperature saturation magnetization of 2050 G, 
100 G higher than the Fe0.65Co0.35 alloy found at the apex of the Slater-Pauling curve.24 
Several PVD routes to iron nitride phases have been reported: fcc γ''-FeN films have been 
obtained by reactive magnetron sputtering,25,26  FeN1-x, γ'-Fe4N, and Fe16N2 films have been 
grown by MBE,22,27,28 a mixture including ε-Fe3N, γ-Fe4N, Fe16N2, and α-Fe has been deposited 
by electron cyclotron resonance (ECR) microwave plasma nitriding,21 and films as nitrogen-rich 
as Fe4N, including Fe16N2, have been obtained by reactive evaporation.23,24,29  Chemical vapor 
deposition methods include various high-temperature (> 400 °C) and plasma-enhanced routes to 
afford ζ-Fe2N, ε-Fe2-3N, and γ-Fe4N films.6,30  There are only two known examples of low-
temperature CVD.  Iron nitride in a mixture of α-Fe and γ'-Fe4N phases has been deposited from 
the molecular cluster HFe4(CO)12N at 160-180 °C.31  Although carbon and oxygen 
concentrations were reported to be low, the film growth self-terminated after ca. 40 nm,31 
probably owing to poisoning effects.  Mixtures of iron metal, Fe3C, and γ-Fe4N result from CVD 
of bis[N,N'-di(tert-butyl)acetamidinato]iron(II) in the presence of H2 at 280-350 °C.  The carbon 
concentration always exceeds the nitrogen concentration, and control was not established over 
the final stoichiometry.32 
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Cobalt nitride films have a broad range of potential applications.  Thin films of Co4N and 
especially Co3N possess large perpendicular magnetic anisotropy and an easy magnetization axis 
normal to the film surface,33,34 and may be useful for perpendicular magnetization devices.34  
Cobalt nitrides such as CoN, Co3N, and Li2.6Co0.4N have been studied as anode materials for 
next-generation lithium ion batteries.7,35-38  The Co4N phase has also recently been investigated 
as a microelectronic adhesion layer in copper interconnects, enabled by the close lattice match 
with Cu and strong bonding with nitride diffusion barrier materials.39  The Co4N layer promotes 
the nucleation of Cu seed layers and provides a stable interface up to 400 °C.39 
Few routes to cobalt nitride thin films have been reported.  Reactive sputtering of cobalt 
metal in the presence of N2 has given cobalt nitride thin films, with N contents ranging from 
dilute solid solutions to CoN.10,33,34,40-44  Pulsed laser deposition from cobalt metal in a nitrogen 
environment affords films as nitrogen-rich as Co2N3.11  Tetragonal Co2N has been grown from 
CoCl2 in the presence of a N2-H2-Ar plasma at 455 °C.45  To our knowledge, the only example of 
thermal CVD is the growth of CoxN (2.3 ≤ x ≤ 6.9) from CVD using bis(N-tert-butyl-N'-
ethylpropionamidinato)cobalt(II) in conjunction with a gaseous mixture of NH3 and H2 between 
100 and 180 °C.39 
Ni3N has attracted interest for use in magnetic memory storage devices.46  Nickel nitrides, 
particularly Ni3N, are promising anode materials for lithium ion batteries.47  Surface nitriding of 
nickel films affords counter electrodes for dye-sensitized solar cells that approach the 
performance of platinum.48 
Nickel nitride thin films have typically been prepared by physical means, namely ion 
implantation49,50 and reactive sputtering.51-54  Annealing α-Ni3N films prepared by ion 
implantation leads to nitrogen release and successive formation of β-Ni3N, Ni4N, and Ni8N 
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films.49  Variation in the nitrogen gas pressure during reactive sputtering allows access to several 
Ni4N phases and the previously unrecognized Ni2N phase.51  Ni3N has also been deposited from 
NiCl2 in the presence of a N2-H2-Ar plasma at 440 °C.45  We know of only two reports of the 
thermal CVD of a nickel nitride phase.  Ni3N deposits from bis(2,2,6,6-tetramethyl-3,5-
heptanedionato)nickel(II) and NH3 between 200 and 300 °C.55  Smooth, conformal films of 
NixN, 3 ≤ x ≤ 15, result from the direct-liquid-injection CVD of bis[N,N'-di(tert-
butyl)acetamidinato]nickel(II) in the presence of NH3 between 160 and 200 °C; the 
stoichiometry can be controlled by varying the ammonia partial pressure.56 
Continuing earlier work depositing manganese nitride,1-3 we now report the low-
temperature CVD of manganese, iron, cobalt, and nickel nitride thin films from a single family 
of bis[di(tert-butyl)amido]metal(II) precursor compounds.  Deposition rates as high as 18 
nm/min have been observed for cobalt nitride, and deposition temperatures as low as 25 °C have 
been observed for iron nitride. 
 
3.3 Experimental details 
Film characterization was carried out in the Frederick Seitz Materials Research 
Laboratory Central Facilities, University of Illinois.  Elemental analyses were performed by the 
University of Illinois School of Chemical Sciences Microanalytical Laboratory. 
Thin films of late transition metal nitrides were grown by chemical vapor deposition 
(CVD) in a cold-wall, high vacuum chamber described previously.57  The base pressure of this 
chamber is 8.0 × 10-7 Torr.  The substrate and its holder were heated radiatively by a nearby 
tungsten filament; the substrate temperature was monitored by a K-type thermocouple mounted 
on the sample holder. 
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Films were grown on degenerately doped p-type Si(100).  All substrates were cleaned 
ultrasonically for 10 minutes in successive acetone and isopropanol baths.  The silicon substrates 
were etched in 2 % HF solution to remove the native oxide; these substrates were then rinsed in 
deionized water, resulting in a hydrogen-passivated surface.58  Chemically etched samples were 
inserted into the vacuum chamber within 5 minutes of the etch. 
The M[N(t-Bu)2]2 precursors (M = Mn, Fe, Co, Ni) were prepared and handled under 
argon or vacuum using standard Schlenk and glovebox techniques, as described in Chapter 2.  
Each precursor was purified by sublimation before use.  Identity and purity were confirmed by 
comparison of the color, melting point, and infrared (IR) absorption spectrum to data collected 
on analytically pure samples.   
Because the vapor pressures of the precursors at room temperatures are modest 
(estimated to be a few mTorr), the precursors were loaded into a stainless steel reservoir with 
inlet and exhaust tubes to allow the use of a carrier gas (ultra-high purity Ar, 40 sccm) to 
improve vapor transport to the substrate.  In addition, the reservoirs were heated in a water bath 
to between 55 and 100 °C, depending on the precursor in use.  The reservoir temperature was 
selected to be a few degrees above the melting point of the precursor (71, 72, 40, and 52 °C for 
M = Mn, Fe, Co, and Ni; see Chapter 2) but no higher than 100 °C so as to avoid thermal 
decomposition even if the precursors are heated for several hours.  The bulk decomposition 
temperatures (i.e., the temperatures at which the precursors decompose within a few seconds) are 
ca. 145 °C for both Co[N(t-Bu)2]2 and Ni[N(t-Bu)2]2.  
The growth reaction requires a coflux of NH3 to form the metal nitride film on the 
substrate.  To avoid oxygen-containing contaminants, the ammonia was purified by condensing it 
into a flask, adding sodium metal to ensure that the ammonia was thoroughly dry, and then 
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vacuum distilling the product into a separate stainless steel container.  Ammonia flow into the 
deposition chamber was controlled by a series of needle valves.  The metal amide precursor and 
the ammonia were introduced into the growth chamber through separate delivery lines to avoid 
premature gas-phase reactions.   
Film growth was studied at substrates temperatures from room temperature to 300 °C.  
For the cobalt and nickel precursors, the growth onset temperature was determined by slowly 
raising the growth temperature under flow conditions, and monitoring growth by in situ 
ellipsometry.  Chamber pressure was measured with a capacitance manometer.  The ammonia 
partial pressure was varied from 0 to 3 mTorr; the latter pressure corresponds to an excess of 
ammonia relative to the flow of precursor.  The average chamber pressure during deposition was 
ca. 5.5 mTorr, the balance of the gas being argon.  Because the precursor and ammonia were 
delivered to the chamber through separate 3.8 mm ID tubes pointed directly at the substrate, the 
local partial pressures at the surface were considerably larger than indicated by the average 
background pressure of the chamber. 
Film growth rates were determined by measuring film thickness by scanning electron 
microscopy (SEM) and dividing by the growth time indicated by changes in the optical response 
of the sample as measured by in situ ellipsometry.  Composition was determined primarily by ex 
situ Auger electron spectroscopy (AES).  To prevent oxidation before analysis, a ca. 50 nm-thick 
HfB2 diffusion barrier57 was grown atop the surface of selected films immediately after the 
nitride growth and before removal from the deposition chamber.  The HfB2 deposition is highly 
conformal and fills the gaps between film columns to form a continuous, impermeable cap.57  
The capping layer was sputtered away during analysis to reveal the protected nitride film 
underneath.  No difference in metal-to-nitrogen ratio was observed between HfB2-capped and 
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uncapped films.  Uncapped films were heavily oxidized and, due to the columnar morphology of 
the films, oxygen contamination extends below the apparent surface of the film. 
The deposited films were characterized by ex situ X-ray photoelectron spectroscopy 
(XPS) using a Physical Electronics PHI 5400 spectrometer.  The iron and cobalt nitride films 
were irradiated by a Mg Kα X-ray source driven at 300 W, whereas the nickel nitride films were 
probed by a monochromatic Al Kα source to avoid superposition of the LMM Auger lines of 
nickel with the nitrogen 1s signal.  Unless stated otherwise, XPS was conducted without 
sputtering into the bulk, to avoid the possibility of altering the bonding states by bombardment 
with energetic ions.  The binding energy scale was calibrated by setting the prominent C 1s 
signal to 285 eV.  Fitting the spectra of transition metals is notoriously difficult and there is no 
unique solution.  Therefore we analyze only the binding energy of the N 1s peaks, which can be 
fit with a high level of confidence. 
TOF-SIMS was performed on selected FexN films.  Obtaining an absolute calibration of 
the hydrogen content of the films by this technique requires a standard with the same matrix as 
the film, but there is no straightforward way to ensure that the reference has the same density and 
morphology except by ion implantation of a sample.  None of the films was thick enough to 
implant H with a spatial distribution suitable for calibration purposes, however.  
 
3.4 Results 
3.4.1 Manganese nitride.  We confirmed that, as previously reported by Drs. Spicer and 
Spicer,1,2 film growth from Mn[N(t-Bu)2]2 and NH3 proceeds rapidly on substrates between 80 
and 200 °C.  The films adhere well to the etched, hydrogen-terminated Si(100) substrates used.  
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A cross-sectional SEM image of a film grown at 80 °C is shown in Figure 3.1.  The films exhibit 
a distinctly columnar morphology from reaction onset to 200 °C.   
Mn:N ratios of ca. 2.5:1 were observed by Auger electron profilometry.  The chemical 
bonding in the films was assessed using X-ray photoelectron spectroscopy (Figure 3.2), which 
shows a peak binding energy of 396.5 eV consistent with manganese nitride.59  This 
stoichometry and binding energy are characteristic of all films grown at substrate temperatures 
between 80 and 200 °C.  
In addition to confirming previous results,1,2 we noted that the growth rate can be 
increased significantly by heating the source container to 75 °C to melt Mn[N(t-Bu)2]2.  Growth 
rates of up to 10 nm/min can be achieved with liquid precursor, compared with a maximum of 6 
nm/min with solid precursor.1  This result supports the previous conclusion that the growth is 
flux-limited above onset at these pressures. 
We were unable to reproduce two of the previous observations on this system.  First, all 
films grown were X-ray amorphous, whereas the X-ray diffraction and STEM nano-diffraction 
data had suggested that the films grown previously were partially crystalline at 80 °C and 
essentially completely so at 200 °C.1-3  Second, even when capped with a HfB2 diffusion layer, 
our best films contained at least 6 % oxygen in the film bulk.  This amount is substantially higher 
than that given in the previous report,1,2 in which the oxygen concentration was below the limits 
of detection of the instrument (ca. 1 %).  We used argon as an inert carrier gas, whereas 
dinitrogen was used in the previous studies.  Possibly for this reason, somewhat higher amounts 
of water may have been resident in the chamber background in the present work, and the higher 
oxygen impurities may have inhibited crystallization.   
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3.4.2 Iron nitride.  Passage of a mixture of Fe[N(t-Bu)2]2 and NH3 over a H-passivated 
Si(100) surface results in the deposition of FexN films at temperatures as low as 25 °C.  Growth 
begins rapidly following the introduction of the precursor into the chamber with little or no 
nucleation delay.  The films have a columnar morphology that remains unchanged up to 
substrate temperatures of 200 °C; Figure 3.3 displays the SEM cross-section of an iron nitride 
film grown at room temperature.  As-deposited FexN films on Si(100)-H are X-ray amorphous 
and do not produce electron diffraction patterns using TEM.   
Composition analysis by AES profilometry indicates that the films have stoichiometries 
close to Fe4N (FexN, 4.0 ≤ x ≤ 4.25).  The Fe:N ratio is invariant (± 5 %) between 25 and 200 °C.  
The carbon signal in these films is below the instrument detection levels, but there is a small 
amount of oxygen, likely due to residual water in the growth chamber.  By increasing the 
precursor flux and thus the film growth rate (to a maximum of ca. 11 nm/min), the oxygen 
concentration is reduced to ca. 3 at. %.  Time-of-flight secondary ion mass spectrometry (TOF-
SIMS) shows that there is little difference in the relative hydrogen concentrations in the films 
grown at 25, 60, 100, and 200 °C. 
XPS analysis indicates that the films consist of metal nitride, even at the lowest growth 
temperature.  For a film grown at 25 °C, 95 % of the N 1s signal (Figure 3.4) is due to a 
component whose peak binding energy of 397 eV is consistent with metal nitride phase.59  Films 
grown at 100 °C and higher have only one N 1s peak, which is attributable solely to metal 
nitride. 
In parallel studies using standard Schlenk techniques, ammonia was condensed onto solid 
Fe[N(t-Bu)2]2 at -196 °C and then the mixture was warmed.  The precursor reacts with ammonia 
even below -33 °C, and at room temperature affords a black powder that consists of 77.5 wt. % 
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Fe (ICP-MS), and 10.8 wt. % N, 2.43 wt. % C, and 0.26 wt % H (combustion analysis).  The 
Fe:N atomic ratio is 1.8:1, and only negligible amounts of hydrogen are present.  These results 
are consistent with nitrogen being present primarily as a nitride.  XPS analysis of a second batch 
of powder prepared in the same fashion without exposure to air gives a N 1s peak of 396.5 eV, 
consistent with metal nitride.59  The hydrogen content in the powder likely represents an upper 
bound on the hydrogen content in CVD-grown films. 
3.4.3 Cobalt nitride.  Growth of cobalt nitride films from Co[N(t-Bu)2]2 proceeds rapidly 
in the presence of NH3 between 100 and 200 °C.  Just as for iron nitride, film growth does not 
occur in the absence of ammonia.  An SEM cross-section of a CoxN thin film grown at 100 °C 
exhibits a clearly columnar morphology (Figure 3.5), but this compares favorably to the highly 
porous morphology of sputtered films.41  The growth is not conformal in recessed structures; 
attempts to grow film in microtrenches are hampered by the shadowing effects characteristic of a 
highly reactive growth flux.60  Because growth requires both Co[N(t-Bu)2]2 and NH3, film 
growth in an atomic layer deposition (ALD) mode might achieve better conformality.   
Under the deposition conditions probed, the film growth rate is ca. 15 nm/min.  Although 
the growth rate is apparently maximized with respect to the precursor flux, in situ ellipsometry 
indicates a further increase in growth rate when the NH3 partial pressure is raised above 0.35 
mTorr.  Growth under even more ammonia-rich conditions may yield higher growth rates than 
those reported here.  As in the case of iron nitride, the substrate temperature does not strongly 
affect the steady-state film growth rate.  At 300 °C, however, there is a long nucleation delay (2-
4 min) before growth commences. 
AES profilometry reveals a composition range that is independent of substrate 
temperature up to 200 °C.  The cobalt-to-nitrogen ratios are between 4.6:1 and 6.0:1.  The most 
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N-rich film (70 at. % Co, 15 at. % N) is grown at 200 °C with an ammonia partial pressure of 
0.25 mTorr.  Carbon contamination is only slightly above instrument detection limits at ca. 2 at. 
%.  The ca. 13 at. % oxygen contamination is likely due to the residual gas background of the 
chamber we employed.  Despite the greater deposition rate of cobalt nitride films, oxygen 
incorporation is significantly higher than in the case of iron nitride.  This result may reflect a 
different chamber background at the time of deposition: the first cobalt nitride films were grown 
some eight months after the last iron nitride films. 
 The N 1s XPS spectrum of a sample grown at 100 °C exhibits a peak energy of 396.9 eV 
(Figure 3.6) that is consistent with the presence of a metal nitride phase,59 which is remarkable 
given the low growth temperature.11  Interestingly, films grown at 300 °C do not contain 
nitrogen.  As-deposited cobalt nitride films are X-ray amorphous, as observed for other low 
temperature CoxN growth processes.11,42 
3.4.4 Nickel nitride.  Nickel nitride grows less readily from Ni[N(t-Bu)2]2 and NH3 than 
is the case for the iron and cobalt analogues.  Film growth does not occur below 150 °C, and 
only 85 nm is deposited after 30 minutes at 200 °C.  The film composition is approximately 81 
at. % Ni and 9 at. % N, giving a Ni:N ratio of 9:1.  Unlike the iron nitride and cobalt nitride 
films, some carbon (~ 8 at. %) is present.  The oxygen content is below the instrument detection 
limit.  XPS analysis (Figure 3.7) indicates that the binding energy of the nitrogen present is 
consistent with a metal nitride.59 
The film is rather nitrogen-deficient relative to the Ni3N2 stoichiometry expected if no 
change in the oxidation state of nickel occurs.  Reports of the thermal stability of the metastable 
Ni3N2 phase vary enormously (perhaps because impurities play a role), giving decomposition 
temperatures of 120 °C to the elements,61 130-160 °C to impure Ni3N,62 and 360 °C to Ni3N.63 
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3.5 Discussion 
The manganese, iron, cobalt, and nickel bis[di(tert-butyl)amido]metal(II) precursors all 
deposit metal nitride films at low temperatures in the presence of ammonia.  Growth begins at 80 
°C for manganese nitride, 25 °C for iron nitride, 100 °C for cobalt nitride, and 150 °C for nickel 
nitride.  The maximum observed growth rates are 10 nm/min for manganese nitride, 11 nm/min 
for iron nitride, 18 nm/min for cobalt nitride, and 3 nm/min for nickel nitride.  The resulting 
films adhere well to the substrate and have columnar morphologies consistent with high 
precursor sticking coefficients. 
The composition of the films varies with the metal; the metal:nitrogen atomic ratios are 
Mn2.5N, Fe4N, CoxN (4.6 ≤ x ≤ 6), and Ni9N.  Preserving the 2+ metal oxidation state of the 
precursors would require film stoichiometries of M3N2, thus, all the films have lost nitrogen 
during growth, presumably as N2. 
For all four metals, N 1s binding energy in the XPS spectra are consistent with a metal 
nitride phase at all growth temperatures.  This is even true for 95 % of the N 1s signal of Fe4N 
deposited at room temperature.  Up to 200 °C, the metal-to-nitrogen ratio remains constant for a 
given metal (the relatively broad range for Co:N does not correlate with temperature or reactant 
pressure).  Although iron nitride films lose nitrogen when they are annealed at 600 °C, the 
nitrogen content of as-deposited films remains unchanged after several months in ambient 
conditions. 
The purity of the as-deposited metal nitride films varies somewhat as a function of the 
metal and the deposition conditions.  Oxygen incorporation (presumably from residual gases in 
the deposition chamber) in manganese, iron, and cobalt nitrides can be suppressed (although not 
eliminated) by increasing precursor flux and, in turn, the film growth rate.  In the slow-growing 
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nickel nitride, oxygen contamination remains below detection limits, but carbon (not a major 
contaminant for iron or cobalt nitride) reaches ~ 8 at. %.  The lack of oxygen in the nickel nitride 
films may result from a reaction between residual oxygen and nickel carbides, consistent with 
previous reports of the production of CO and CO2 from the action of oxygen on carbonaceous 
nickel at similar temperatures.64-66 
Metal nitride deposition from metal dialkylamides in the presence of ammonia typically 
proceeds via transamination to produce M-NH2 groups and free dialkylamine, as in the 
prototypical titanium nitride growth from tetrakis(dimethylamido)titanium(IV) (TMDAT).67-69  
The metal amide species evolve to form the metal nitride film, while the amine byproduct leaves 
the growth surface.  The lack of film deposition below 300 °C in the absence of ammonia 
implies that transamination also initiates the reaction sequence leading to film deposition in the 
present systems.   
The columnar film morphologies are consistent with a process that involves gas-phase 
precursor species with a high sticking coefficient and surface-bound adsorbates with low 
mobility.60  At the mean chamber pressure during growth (ca. 5 mTorr) the mean free path is on 
the order of 1.5-150 mm (1.5 mm for pure precursor, 150 mm for pure argon), similar to the 
distance between the precursor dosing tube outlets and the substrate surface (ca. 40 mm).  
Because the local pressure above the substrate surface is higher than the average chamber 
pressure, some gas-phase collisions must occur before the precursor arrives at the substrate.  
Transamination may thus begin in the gas phase to generate metal-NH2 species, which we would 
expect to be non-volatile and thus have high sticking coefficients.  We cannot, however, rule out 
the possibility that some of the transamination steps occur on the surface.  In either case, the 
products of the transamination, presumably M(NH2)2 species, are expected to be non-volatile. 
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The compounds Mn(NH2)2 and Ni(NH2)2 have been structurally characterized in the 
crystalline state:  they are a chain of tetramers70 and a hexamer,62 respectively.  Owing to their 
non-monomeric structures, M(NH2)2 species are not likely to be volatile.  Interestingly, M(NH2)2 
compounds decompose to metal nitrides with loss of ammonia in vacuum at ~ 120 °C for 
Mn(NH2)2,71 < 25 °C for Fe(NH2)2,72,73 120 °C for Co(NH2)2,72 and 120 °C for Ni(NH2)2.61-63  
The growth onset temperatures in our studies, 80 °C (Mn), < 25 °C (Fe), 100 °C (Co), and 150 
°C (Ni), correlate very well with these temperatures, thus lending support to our hypothesis that 
M(NH2)2 species are the intermediates in the metal nitride film growth process and that the onset 
temperature is determined by the kinetics of the decomposition of these species.  The 
temperature independence of the growth rate between growth onset and 200 °C under our 
conditions suggests that the deposition is flux-limited above the onset temperature.   
The non-zero carbon levels in the nickel nitride films indicate that a second reaction 
pathway is kinetically accessible at the comparatively high growth onset temperature and low 
growth rate of this film.  One plausible hypothesis involves γ-hydrogen elimination from 
coordinated di(tert-butyl)amide groups to form metallacycles containing metal-carbon bonds.  
Such bonds are believed to participate in carbon contamination in TiN deposition from TDMAT 
in the absence of ammonia.67  Alternatively, the di(tert-butyl)amine byproduct of transamination 
might react with the growth surface.  XPS studies of the adsorption of alkylamines on nickel 
surfaces show dissociation or decomposition of the amines at temperatures similar to the present 
studies.74 
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3.6 Concluding remarks 
We have demonstrated that the chemical vapor deposition of Mn, Fe, Co, and Ni nitride 
films can be accomplished from the di(tert-butyl)amide precursors M[N(t-Bu)2]2 with NH3 at 
low substrate temperatures.  The XPS binding energies confirm that the nitrogen is present as 
nitride.  The M:N ratio in the deposited films decreases from Mn to Fe to Co to Ni;  all of the 
films are nitrogen-deficient compared with the M3N2 composition that would result if no redox 
chemistry occurs.  The M:N ratio for each material is robust against variations in substrate 
temperature and reactant pressures.  Carbon contamination is minimal for the manganese, iron, 
and cobalt nitride films, but similar to the nitrogen content in the nickel nitride films.   
Film growth likely proceeds by means of rapid transamination of the highly reactive 
bis[di(tert-butyl)amide] precursors with ammonia to afford metal amido fragments with high 
sticking coefficients and low surface mobilities.  The metal amido fragments decompose by 
elimination of ammonia and presumably some N2 to form metal nitride films with a columnar 
morphology.  Film growth rates are flux limited at all conditions investigated and can be 
enhanced by increasing the precursor flux.  Deposition rates up to 18 nm/min have been realized.  
As-deposited films are X-ray amorphous. 
Some observations of this study stand out as remarkable.  Thermal CVD at room 
temperature is highly unusual, but we have found that iron nitride grows rapidly at 25 °C.  The 
di(tert-butyl)amido compounds are also able to serve as CVD precursors to manganese, cobalt, 
and nickel nitride phases, for which very few other CVD methods have been described.  Thus, 
the family of di(tert-butyl)amide precursors provides a useful synthetic pathway for late 
transition metal nitride films that are difficult to produce by other means; the growth conditions 
are appropriate for deposition on temperature-sensitive substrates.  
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3.8 Figures 
 
 
 
Figure 3.1 SEM cross section of a MnxN film grown on a substrate heated to 80 °C.  The 
morphology is clearly columnar, suggesting a growth species with a high sticking 
coefficient and low surface mobility. 
 
 
 
 
 
 
Figure 3.2 XPS N 1s signal of a MnxN film grown at 80 °C.  The peak binding energy is 
consistent with metal nitride.59   
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Figure 3.3 SEM fracture cross section of a Fe4N film grown on a room-temperature 
substrate.  The columnar character of the film is evident. 
 
 
 
 
 
Figure 3.4 XPS N 1s spectrum of a Fe4N sample grown at room temperature.  The peak 
centered at 397 eV, which represents 95 % of the total N 1s signal, is consistent 
with metal nitride.59 
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Figure 3.5 SEM cross section of a CoxN film grown on a substrate heated to 100 °C.  The 
columnar character of the film is evident. 
 
 
Figure 3.6 XPS N 1s signal of a CoxN sample grown at 100 °C.  The peak binding energy is 
consistent with metal nitride.59 
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Figure 3.7 XPS N 1s signal of a Ni9N sample grown at 200 °C.  The peak binding energy of 
397.5 eV is consistent with metal nitride.59  The surface of this sample was 
sputtered prior to measurement. 
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CHAPTER 4 
SYNTHESIS AND CHARACTERIZATION OF TWO- AND THREE-COORDINATE 
2,2,6,6-TETRAMETHYLPIPERIDIDO COMPOUNDS OF  
MANGANESE, IRON, AND COBALT  
 
4.1 Contributions  
 The work presented below extends the research program of Prof. G. S. Girolami 
developing new molecular chemical vapor deposition (CVD) precursors to late transition metal 
nitride films.  We collaborated with Prof. W. M. Reiff, who acquired the SQUID magnetometry 
data, as well as the zero-field Mössbauer spectra of the iron compound Fe(tmp)2 at 293 and 77 K.  
These data are reproduced here with permission and many thanks.  Dr. S. A. Stoian at the 
National High Magnetic Field Laboratory acquired and fit the zero-field Mössbauer spectra at 
4.2 K and all high-field Mössbauer spectra.  These data are also reproduced with permission and 
gratitude.  I gratefully acknowledge that Dr. C. W. Spicer prepared MnBr2(thf)2 and B. B. Trinh 
prepared some CoBr2(dme) used as described below.  The assistance of P. J. Sempsrott in 
packaging and shipping samples to Prof. Reiff, and of M. Jamer in acquiring the SQUID data, 
was essential and is greatly appreciated.  Prof. K. R. Kittilstved is thanked for suggesting the use 
of the program AOMX, and Prof. H. Adamsky is thanked for providing this program.  Dr. D. 
Gray and Dr. A. Fuller are thanked for collecting the single-crystal X-ray diffraction data. 
 
4.2 Introduction 
 Two-coordinate compounds with open-shell (d1-d9) electronic configurations often 
exhibit interesting physical and chemical properties1 and new developments on this subject 
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continue to be made,2-5 such as the synthesis of the first two-coordinate vanadium compounds.6  
Many two-coordinate compounds of open-shell transition metals possess magnetic properties 
combining a high-spin configuration and unquenched orbital angular momentum, the latter 
arising through either in-state spin-orbit coupling (owing to a degenerate ground state) or out-of-
state spin-orbit coupling (owing to a low-lying excited state).1,3-9  In three cases—the rigorously 
linear molecules Fe[C(SiMe3)3]2, Fe[N(H)AriPr6]2, and Co[N(H)AriPr6]2 (AriPr6 = C6H3-2,6-(C6H2-
2,4,6-iPr3)2)—orbital angular momentum contributions increase the magnetic moment to within 
95 % of the free-ion value.10-12  Our research group has recently reported the first two-coordinate 
dialkylamides of open-shell transition metals, M[N(t-Bu)2]2 (M = Mn, Fe, Co, Ni).9,13 These 
compounds overturn the long-held view that dialkylamido ligands are incompatible with late 
transition metals.14,15  The compounds are also of interest because Fe[N(t-Bu)2]2 and Co[N(t-
Bu)2]2 exhibit significant unquenched orbital angular momentum contributions to their magnetic 
moments.16  In the cobalt compound the orbital contribution arises from state re-ordering induced 
by electron-electron repulsion (see Chapter 2). 
Two-coordinate compounds exhibit interesting reaction chemistry;1,17 some highlights 
include insertions of small molecules into M-X bonds,18,19 catalytic hydrosilation of ketones and 
olefins,2,20 and protonolysis of M-X bonds to generate new low-coordinate compounds.11,21  Of 
particular interest to us is the potential of two-coordinate metal complexes to serve as new 
precursors for the chemical vapor deposition (CVD) of thin films.22-24 For example, 
Mn[N(SiMe3)2]2 and Co[N(SiMe3)2]2, which are two-coordinate monomers in warm solution or 
the gas phase25-27 but three-coordinate dimers in cold solution or the solid state,28,29 serve as 
precursors for the deposition of metal films at substrate temperatures near 300 °C.30  We have 
recently demonstrated that the new M[N(t-Bu)2]2 compounds deposit metal nitride thin films in 
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the presence of ammonia at unusually low substrate temperatures between 25 and 200 °C (see 
Chapter 3).31,32   
The sterically demanding 2,2,6,6-tetramethylpiperidide (tmp) anion can be considered as 
a cyclic version of the di(tert-butyl)amido anion; the two ligands share many properties such as a 
lack of β-hydrogen atoms and a saturated hydrocarbon periphery.  Unlike N(t-Bu)2, the tmp 
anion has not yet been shown form open-shell two-coordinate transition metal complexes.  There 
are, however, structurally characterized tmp complexes of closed-shell two- and three-coordinate 
species, including Ge(tmp)2,33 Zn(tmp)2,34 Cd(tmp)2,35 and Y(tmp)3,36 and of open-shell 
(including f1-f13) three- and four-coordinate compounds, including Cr(tmp)3,37 Ce(tmp)3,38 and 
(thf)Ce(tmp)3 (thf = tetrahydrofuran).36 The structural studies show that the six-membered ring 
of the tmp ligand compresses the C-N-C angle slightly (120° in Zn(tmp)234 vs. 124° in Zn[N(t-
Bu)2]239).  This change slightly reduces the steric demand of the tmp ligand compared with 
di(tert-butyl)amide, as reflected in the percent buried volume (%Vbur)40 calculated from the 
crystallographic structures of the bisamidozinc(II) compounds, 35.4 and 36.6 %, respectively.  
Even so, in Cr(tmp)3 the bulky tmp ligands impart such kinetic stability that the compound does 
not react with oxygen, in sharp contrast with other chromium(III) amides,37 but similar to Cr[N(t-
Bu)2]3 (see Appendix).41 
The tmp anion and its corresponding amine (which is commercially available) have 
several uses.42,43 For example, the parent amine, H(tmp), has been essential in extending the 
“frustrated Lewis pair” concept to amine-borane pairs, cooperating with fluorinated boranes to 
cleave dihydrogen at 20 °C and 1 atm.44,45  Li(tmp) has been known for some time to be a strong 
but non-nucleophilic base,46 and Mg(tmp)2 effects the metallation of substituted arenes ortho- to 
a directing group (such as an amide or an ester).47   
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There is a large literature on functional-group-tolerant, directed ortho-metallation of 
arenes effected by bimetallic (or trimetallic) compounds incorporating bulky amido ligands;  
these advances have been summarized several times,48,49 and the entire area has been reviewed 
authoritatively.50  The workhorse “turbo-Grignard” (or “turbo-Hauser”) base (tmp)MgCl·LiCl 
can be isolated as the thf adduct (thf)(tmp)Mg(μ-Cl)2Li(thf)2,51 although 2D 1H and 7Li DOSY 
NMR studies suggest that it exists as a charge-separated salt in thf solution.52  Knochel’s 
La(tmp)3(MgCl2)3(LiCl)5 has not been structurally characterized,53 but the cell parameters of 
three-coordinate La(tmp)3 have been reported in a footnote.54  Whereas two-coordinate Zn(tmp)2 
can deprotonate organic amides and esters,55 zincation of heterocycles and arenes proceeds 
rapidly only in the presence of both MgCl2 and LiCl.56,57 Interestingly, preformed 
Zn(tmp)2·2MgCl2·LiCl metallates arenes and heteroarenes more slowly than a reagent generated 
by adding ZnCl2 to Mg(tmp)2·2LiCl, which suggests that the metallation reaction involves either 
rapid magnesiation followed by transmetallation with zinc, or that the metallating species is an 
intermediate such as MgZn(tmp)2Cl2.58  1H and 7Li DOSY NMR experiments of the putative 
“ate” compounds LiZn(tmp)3·2LiCl and LiCd(tmp)3·2LiCl suggest that two independent species 
are present in solution: solvated Li3(tmp)Cl2 and the two-coordinate M(tmp)2 compound (M = 
Zn, Cd).35,59  It is possible that the lithium amide species deprotonatates the organic substrate and 
that transmetallation then occurs with two-coordinate compounds Zn(tmp)2 and Cd(tmp)2; this 
hypothesis is supported by some 13C NMR studies.60   
Some transition metal complexes containing the tmp ligand show similar chemistry. 
Solutions of poorly characterized complexes with the stoichiometries Mn(tmp)2·2MgCl2·4LiCl,61 
Fe(tmp)2·2MgCl2·4LiCl,62 LiFe(tmp)3·2LiCl,63 and LiCo(tmp)3·2LiCl64 react in thf with arenes to 
form H(tmp) and metal aryl species (the latter of which can be further transformed in the usual 
145 
 
ways). In light of the necessity of adding three equivalents of Li(tmp) to CoBr2 or FeBr2 to 
achieve high activity,63,64 and by analogy to the zincate and cadmate systems, it seems plausible 
that these ferrate and cobaltate species deprotonate organic substrates by an initial lithiation 
reaction followed by transmetallation, possibly with a two-coordinate M(tmp)2 compound.  
 We now report the synthesis and characterization of several open-shell transition metal 
compounds of the tmp ligand.  The compounds M(tmp)2, M = Mn (1), Fe (2), and Co (3), 
represent the second series of thermally stable late transition metal dialkylamides.  Structural 
characterization of 2 demonstrates that the tmp ligand is indeed sufficiently bulky to enforce 
two-coordination.  The magnetic susceptibility and Mössbauer spectra of 2 add new insights into 
the electronic structures and magnetism of two-coordinate iron(II) compounds.  The heteroleptic, 
dinuclear three-coordinate compounds Fe2(tmp)3(OEt) (4) and [Li(dme)][CoBr(tmp)2] (5; dme = 
1,2-dimethoxyethane) have also been isolated. 
 
4.3 Experimental details 
All operations were carried out in vacuum or under argon with standard Schlenk 
techniques or in an argon-filled glovebox.  Pentane was dried over sodium-benzophenone ketyl 
and distilled immediately before use.  MnBr2(thf)2 was prepared by a literature procedure.65  
FeBr1.6(OEt)0.4(dme) and CoBr1.67(OEt)0.33(dme) were prepared by literature procedures for the 
synthesis of FeBr2(dme) and CoBr2(dme),65 as described below.  Authentic FeBr2(dme) and 
CoBr2(dme) were prepared by a modification of this procedure, also described below. n-
Butyllithium in hexane was purchased from Aldrich and used as received.  2,2,6,6-
Tetramethylpiperidine was purchased from Matrix Solutions, dried over sodium, and distilled 
before use.  Lithium 2,2,6,6-tetramethylpiperidide, Li(tmp), was prepared by a literature route.66 
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Elemental analyses were performed by the School of Chemical Sciences Microanalysis 
Laboratory at the University of Illinois.  Infrared spectra were collected using a Perkin Elmer 
Spectrum One FTIR spectrometer as Nujol mulls between KBr plates, and analyzed with 
Spekwin32.67  X-ray crystallographic data were collected at the University of Illinois George L. 
Clark X-Ray Facility.  Melting points were measured in duplicate under argon in closed 
capillaries with a Thomas-Hoover Unimelt apparatus.  Magnetic susceptibility measurements 
were performed on a Quantum Design MPMS XL-5 SQUID magnetometer (5 T maximum field) 
at Northeastern University.  Mössbauer spectra were acquired on spectrometers at Harvard 
University and the National High Magnetic Field Laboratory at Florida State University.  
Angular overlap model (AOM) calculations were initially performed using literature overlap 
integrals,68, * and finally completed using AOMX.69  
 4.3.1 Dibromo(1,2-dimethoxyethane)iron(II), FeBr2(dme).  To tan-colored anhydrous 
FeBr2 (7.05 g, 32.7 mmol) was added 1,2-dimethoxyethane (100 mL) with stirring.  Some FeBr2 
dissolves to afford an orange solution over tan solids.  The mixture was stirred for 12 h, during 
which time a fine, pale tan precipitate formed.  Some tan FeBr2 remained, and the mixture was 
brought to reflux for 10 h.  After the mixture was cooled to room temperature, the gray-tan 
precipitate was collected by filtration and washed with pentane (40 mL).  The solid was dried 
under vacuum to afford FeBr2(dme) as a pale tan microcrystalline powder.  Yield: 8.66 g (86.5 
%).  Mp: yellows above ca. 190 °C.  Anal. Calcd. for C4H10O2Br2Fe: C, 15.7; H, 3.30.  Found: C, 
15.5; H, 3.18.  IR (cm-1): 1364 (m), 1274 (m), 1235 (m), 1204 (w), 1190 (m), 1164 (w), 1114 
(m), 1094 (s), 1056 (s), 1020 (s), 869 (s), 832 (m), 666 (w). 
                                                 
* The Fσ overlap factor in this reference for dxy is incorrectly given as √3/3 sin 2φ (1 – cos 2θ); this should read √3/4 sin 
2φ (1 – cos 2θ).  The Fπy factor for dyz is also incorrect, and should read cos φ cos θ cos ψ – sin φ cos 2θ sin ψ. 
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 4.3.2. FeBr1.6(OEt)0.4(dme).  To the thimble of a Soxhlet extractor was added FeBr2 (5 g, 
23 mmol).  A solution of triethylorthoformate in 1,2-dimethoxyethane (145 mL, ca. 11 vol. % 
HC(OEt)3) was added to the flask and brought to reflux.  The extraction was continued for 36 h, 
and then the flask was allowed to cool.  The precipitate was collected by filtration and was dried 
under vacuum to afford FeBr1.6(OEt)0.4(dme) as an off-white powder.  Yield: 5 g (74 %).  Anal. 
Calcd. for FeBr1.6(C2H5O)0.4(C4H10O2): C, 19.8; H, 4.14. Found: C, 19.8; H, 4.03.  This analysis 
is approximately consistent also with FeBr2(dme)1.5 and FeBr2(dme)(EtOH) (Anal. Calcd.: C, 
20.5; H, 4.31 and C, 20.5; H, 4.58, respectively); reaction with Li(tmp) generates compound 4, 
below, confirming the presence of ethanol or ethoxide in this material.  The IR shows no 
absorption band corresponding to an O-H stretch, consistent only with FeBr1.6(OEt)0.4(dme).  IR 
(cm-1): 1366 (m), 1276 (m), 1242 (m), 1208 (w), 1189 (s), 1159 (w), 1097 (s), 1051 (s), 1020 (s), 
889 (m), 869 (s), 861 (s), 828 (m), 569 (w), 554 (m). 
 4.3.3 Dibromo(1,2-dimethoxyethane)cobalt(II), CoBr2(dme).  To bright green 
anhydrous CoBr2 (6.52 g, 32.7 mmol) was added 1,2-dimethoxyethane (80 mL) with stirring.  
Some CoBr2 dissolves, affording a deep blue solution over green solids.  The mixture was stirred 
vigorously for ca. 60 h until all green solids were converted to blue solids.  The precipitate was 
collected by filtration, washed with pentane (30 mL), and dried under vacuum to afford 
CoBr2(dme) as a bright blue powder.  Yield: 7.65 g (83.1 %).  Mp: converts to green CoBr2 
above ca. 140 °C.  Anal. Calcd. for C4H10O2Br2Co: C, 15.6; H, 3.26.  Found: C, 15.4; H, 3.26.  
IR (cm-1): 1363 (m), 1280 (m), 1240 (m), 1207 (w), 1185 (m), 1155 (w), 1090 (s), 1043 (s), 1002 
(m), 858 (s), 821 (m), 563 (w). 
 4.3.4 CoBr1.67(OEt)0.33(dme).  To the thimble of a Soxhlet extractor was added CoBr2 
(6.0 g, 27 mmol).  A solution of triethylorthoformate in dimethoxyethane (150 mL, ca. 11 vol. % 
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HC(OEt)3) was added to the flask and brought to reflux.  The extraction was continued for 36 h, 
and then the flask cooled.  The precipitate was collected by filtration and dried under vacuum to 
afford CoBr1.67(OEt)0.33(dme) as a dark blue-purple powder.  Yield: 1.39 g (17 %).  Anal. Calcd. 
for CoBr1.67(C2H5O)0.33(C4H10O2): C, 18.8; H, 3.95. Found: C, 19.0; H, 3.94.  This analysis is 
consistent also with CoBr2(dme)1.33 and CoBr2(dme)(EtOH)0.67 (Anal. Calcd.: C, 18.9; H, 3.96 
and C, 18.9; H, 4.16, respectively).  The IR spectrum is very similar to that of 
FeBr1.6(OEt)0.4(dme).  IR (cm-1): 1365 (m), 1277 (m), 1241 (m), 1209 (w), 1189 (m), 1159 (w), 
1097 (s), 1051 (s), 1020 (m), 891 (m), 872 (m), 862 (s), 829 (m), 805 (w), ca. 560 (m). 
 4.3.5 Bis(2,2,6,6-tetramethylpiperidido)manganese(II), 1. To a mixture of MnBr2(thf)2 
(1.58 g, 4.4 mmol) and Li(tmp) (1.24 g, 8.4 mmol) was added pentane (25 mL) with stirring.  
The solution turned pale yellow immediately, and intensified rapidly to bright yellow.  The 
reaction mixture was stirred at room temperature for 16 h, and then allowed to settle before the 
yellow solution was filtered.  The filtrate was taken to dryness under vacuum to afford a slightly 
tacky solid (0.96 g, 64 % crude yield).  A portion of the crude product (0.25 g) was transferred to 
a sublimation apparatus comprising a water-cooled cold finger in a source flask connected to a 
glass bulb via a stopcock.  The entire apparatus was evacuated, then isolated under static vacuum 
(initially 0.1 Torr); the bulb was immersed in a dry ice/ethanol bath (-78 °C) while the source 
flask with cold finger was heated to ca. 70 °C for 24 h.  Initially a yellow oil collected on the 
cold finger, which eventually dried to a polycrystalline yellow solid.  Yield: 0.12 g (48 % based 
on amount placed in the sublimator).  Mp: 50-51 °C.  Anal. Calcd. for C18H36N2Mn: C, 64.4; H, 
10.8; N, 8.35.  Found: C, 64.0; H, 10.6; N, 7.62.  IR (cm-1): 1367 (s), 1353 (s), 1341 (m), 1288 
(m), 1235 (s), 1197 (m), 1170 (s), 1130 (s), 1074 (m), 1053 (m), 1016 (s), 984 (w), 960 (m), 945 
(m), 928 (s), 907 (m), 860 (m), 745 (w), 667 (w), 630 (w), 590 (w), 547 (w), 519 (m).   
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4.3.6 Bis(2,2,6,6-tetramethylpiperidido)iron(II), 2.  Method A.  To a mixture of 
FeBr2(dme) (0.84 g, 2.8 mmol) and Li(tmp) (0.81 g, 5.5 mmol) was added pentane (20 mL) with 
stirring.  The solution turned bright orange immediately, and intensified rapidly to red-orange.  
The reaction mixture was stirred at room temperature for 16 h, and then taken to dryness under 
vacuum.  The solids were extracted with pentane (20 mL) and the extract was filtered.  The 
filtrate was taken to dryness under vacuum.  Crystals of red-orange Fe(tmp)2 were obtained by 
sublimation under static vacuum (initially 0.1 Torr) at 65 °C in two batches.  Yield: 0.42 g (46 
%).  Mp: 60-62 °C.  Anal. Calcd. for C18H36N2Fe: C, 64.3; H, 10.8; N, 8.33.  Found: C, 64.2; H, 
10.9; N, 8.33.  No 1H NMR signal was observed.  IR (cm-1): 1369 (s), 1354 (s), 1341 (m), 1288 
(m), 1236 (s), 1198 (w), 1170 (s), 1131 (s), 1076 (w), 1056 (m), 1017 (m), 985 (w), 961 (m), 950 
(m), 933 (s), 909 (m), 861 (w), 750 (w), 668 (w), 643 (w), 590 (w), 540 (w), 523 (m).   
Method B.  To a mixture of FeBr2(dme) (0.99 g, 3.2 mmol) and Li(tmp) (0.94 g, 6.4 
mmol) was added pentane (25 mL) with stirring.  The solution turned bright orange immediately, 
and intensified rapidly to red-orange.  The reaction mixture was stirred at room temperature for 
13 h, and then the solution was filtered.  The solid remaining in the reaction flask was washed 
with pentane (10 mL), and the washings filtered.  The combined filtrate was taken to dryness 
under vacuum.  Crystals of red-orange Fe(tmp)2 were obtained by sublimation under static 
vacuum (initially 0.1 Torr) at 75 °C.  Yield: 0.66 g (61 %).  Mp: 59-61 °C.  Anal. Calcd. for 
C18H36N2Fe: C, 64.3; H, 10.8; N, 8.33.  Found: C, 64.8; H, 10.9; N, 8.21. 
4.3.7 Bis(2,2,6,6-tetramethylpiperidido)cobalt(II), 3.  To a mixture of CoBr2(dme) 
(0.26 g, 0.86 mmol) and Li(tmp) (0.24 g, 1.7 mmol) was added pentane (25 mL) with stirring.  
The solution turned red-brown immediately, and later intensified to dark red-brown.  The 
reaction mixture was stirred at room temperature for 13 h, and then the solution was filtered into 
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tube 1 of a piece of glassware consisting of three conjoined Schlenk tubes (forming a double-H 
shape; these will be called tubes 1-3).  The solid remaining in the reaction flask was washed with 
pentane (10 mL) and the washings filtered into tube 1.  The combined filtrate was taken to 
dryness under vacuum, with care to keep the material in tube 1.  After tube 3 was immersed in 
liquid nitrogen and tube 2 was immersed in ice water, tube 1 was heated to sublime material to 
tubes 2 and 3.  In tube 2 (0 °C) the sublimate appeared red; in tube 3 (-196 °C), it appeared red at 
the top and yellow below.  Heating tube 1 while cooling tube 3 with liquid nitrogen affords 
yellow crystallites at the top of tube 3, with a red oil at the bottom of this tube (on warming to 
RT).  Yellow to golden brown crystallites of Co(tmp)2 were collected in the glovebox.  Mp. 40-
42 °C.  IR (cm-1): 1355 (m), 1342 (w), 1288 (w), 1235 (s), 1196 (w), 1168 (s), 1131 (s), 1076 
(w), 1054 (w), 1014 (w), 986 (w), 963 (w), 949 (w), 930 (m), 910 (w), 864 (w), 748 (w), 669, 
618, 525 (w). 
4.3.8 μ-Ethoxo-μ-(2,2,6,6-tetramethylpiperidido)bis(2,2,6,6-tetramethylpiperidido)-
diiron(II), Fe2(μ-OEt)(μ-tmp)(tmp)2, 4.  To a mixture of FeBr1.6(OEt)0.4(dme) (3.00 g, 10.3 
mmol) and Li(tmp) (2.50 g, 17.0 mmol) was added benzene (40 mL).  The solution rapidly 
turned orange, and slowly darkened to dark orange.  The mixture was stirred at room temperature 
for 16 h, and then the solvent was removed under reduced pressure.  The solids were extracted 
with pentane (20 mL), the extract was filtered, and the filtrate concentrated to ca. 2 mL.  Crystals 
of dark orange Fe2(tmp)3(OEt) were obtained at -20 °C.  Yield: 1.8 g (73 %).  Anal. Calc. for 
C29H59N3OFe2: C, 60.3; H, 10.3; N, 7.28.  Found: C, 60.0; H, 10.8; N, 7.19. IR (cm-1): 1367 (m), 
1355 (m), 1342 (w), 1289 (w), 1232 (m), 1196 (w), 1169 (m), 1127 (m), 1101 (m), 1062 (m), 
1050 (w), 1004 (w), 964 (w), 959 (w), 947 (w), 918 (w), 902 (m), 882 (w), 862 (w), 852 (w), 754 
(w), 739 (w), 726 (w), 668 (w), 603 (w), 579 (w), 530 (w), 517 (w). 
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4.3.9 (1,2-Dimethoxyethane)lithium Bromobis(2,2,6,6-tetramethylpiperidido)-
cobaltate(II), [Li(dme)][CoBr(tmp)2], 5.  Method A.  To a mixture of CoBr1.67(OEt)0.33(dme) 
(1.39 g, 4.7 mmol) and Li(tmp) (1.18 g, 8.0 mmol) was added benzene (30 mL).  The solution 
rapidly turned dark yellow-brown.  The reaction mixture was stirred for 16 h at room 
temperature, and then the solvent was removed under reduced pressure.  The olive-brown solids 
were extracted with pentane (20 mL), the extracts were filtered, and the filtrate was concentrated 
to ca. 5 mL and cooled to -20 °C to afford crystals of olive-green [Li(dme)][CoBr(tmp)2].  Yield: 
0.4 g (19 %).  Mp: 104-108° (dec.).  Anal. Calcd. for [C4H10O2Li][C18H36N2BrCo]: C, 51.2; H, 
8.98; N, 5.42.  Found: C, 53.2; H, 9.63; N, 5.93.  (Anal. Calcd. for a 1:3 mixture of 3 and  
[Li(dme)][CoBr(tmp)2]: C, 53.4; H, 9.29; N, 5.93.)  No 1H NMR signal was observed.  IR (cm-1): 
1367 (m), 1354(m), 1340 (w), 1290 (w), 1231 (m), 1190 (w), 1171 (m), 1131 (m), 1121 (m), 
1107 (m), 1078 (w), 1061 (m), 1020 (m), 1008 (w), 990 (w), 980 (w), 963 (w), 945 (w), 926 (w), 
910 (w), 885 (w), 863 (w), 822 (w), 755 (w), 738 (w), 668 (w), 605 (w), 594 (w), 565 (w), 550 
(w), 517 (w). 
Method B.  To a mixture of CoBr2(dme) (1.00 g, 3.3 mmol) and Li(tmp) (0.95 g, 6.4 
mmol) was added pentane (45 mL) with stirring.  The solution turned light blue-green, changed 
over ca. 20 min to yellow-brown, and then darkened further.  After being stirred for 11 h, the 
dark red-brown solution was filtered and the solids remaining in the reaction flask were washed 
with pentane (20 mL).  The combined filtrate deposited small crystals (which appear yellow in 
solution) on standing.  The solution was concentrated by half and the solid was collected by 
filtration.  (The filtrate was handled separately attempting to isolate 3.)  The solid was washed 
with small amounts of cold pentane to afford yellow-green needles of [Li(dme)][CoBr(tmp)2].  
Yield: 0.15 g (9.2 %).  Mp: 112-115° (dec.).  Anal. Calcd. for [C4H10O2Li][C18H36N2BrCo]: C, 
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51.2; H, 8.98; N, 5.42.  Found: C, 48.3; H, 8.34; N, 5.24. (Anal. Calcd. for a 1:3 mixture of LiBr 
and [C4H10O2Li][C18H36N2BrCo]: C, 48.5; H, 8.51; N, 5.14.)  IR (cm-1): 1367 (m), 1353(m), 
1339 (m), 1290 (m), 1248 (m), 1231 (s), 1211 (w), 1190 (m), 1172 (s), 1132 (s), 1120 (m), 1108 
(s), 1077 (w), 1061 (s), 1020 (m), 1007 (m), 990 (m), 980 (s), 963 (m), 944 (w), 927 (m), 912 
(m), 885 (m), 863 (s), 824 (w), 756 (w), 739 (w), 593 (w), 566 (s), 550 (w), 517 (m), 510 (m). 
4.3.10 Crystallographic studies.70  Single crystals of Fe(tmp)2, 2, were grown by 
sublimation, whereas single crystals of Fe2(tmp)3(OEt), 4, and [Li(dme)][CoBr(tmp)2], 5, were 
grown from pentane.  The samples were mounted on glass fibers with Krytox oil and 
immediately cooled to -80 °C (2) or -100 °C (4 and 5) in a cold nitrogen gas stream on the 
diffractometer.  Standard peak search and indexing procedures gave rough cell dimensions, and 
least squares refinement using 6572 reflections for 2, 9845 reflections for 4, and 3198 reflections 
for 5 yielded the cell dimensions given in Table 4.1. Data were collected with an area detector by 
using the measurement parameters listed in Table 4.1.  The measured intensities were reduced to 
structure factor amplitudes and their esd's by correction for background, scan speed, Lorentz and 
polarization effects.  No corrections for crystal decay were necessary.  Face-indexed absorption 
corrections were applied for 2 and 4, whereas empirical absorption corrections (SADABS) were 
applied for 5; the absorption coefficients and maximum and minimum transmission factors are 
listed in Table 4.1.  Systematically absent reflections were deleted and symmetry equivalent 
reflections were averaged to yield the set of unique data.  The analytical approximations to the 
scattering factors were used, and all structure factors were corrected for both real and imaginary 
components of anomalous dispersion.  In the final cycle of least squares, independent anisotropic 
displacement factors were refined for the non-hydrogen atoms.  Some hydrogen atoms were 
located in the difference Fourier map and were refined isotropically; other hydrogen atoms were 
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fixed in "idealized" positions with C-H = 0.98 Å (methyl) or 0.99 Å (methylene).  Methyl groups 
were allowed to rotate about the C-C axis to find the best least-squares hydrogen atom positions.  
Isotropic displacement parameters for methyl hydrogen atoms were set to 1.5 times Ueq for the 
attached carbon, and for methylene groups to 1.2 times Ueq. Successful convergence was 
indicated by the maximum shift/error of 0.001 for the last cycle.  A final analysis of variance 
between observed and calculated structure factors showed no apparent errors. 
2:  Systematic absences for h0l (h + l ≠ 2n) and 0k0 (k ≠ 2n) were uniquely consistent 
with space group P21/n.  The structure was solved using direct methods (SHELXTL).  The 
correct positions for the iron and nitrogen atoms, as well as many of the lighter atoms, were 
deduced from an E-map.  The quantity minimized in the least-squares program was Σw(Fo2 – 
Fc2)2, where w = {[σ(Fo2)]2 + (0.0391P)2}-1 and P = (Fo2 + 2Fc2)/3.  Subsequent least-squares 
refinement and difference Fourier calculations revealed the positions of the remaining carbon 
atoms, as well as the positions of the hydrogen atoms on one amide.  The carbon atoms on the 
second amide were disordered over two positions, and the site occupancy factors (SOFs) for the 
alternative locations were refined to sum to unity.  The SOF of the major component refined to 
0.742.  An isotropic extinction parameter was refined to a final value of x = 1.3(5) × 10-6 where 
Fc is multiplied by k[1 + xFc2λ3/sin 2θ]-1/4 and k is the overall scale factor.  The largest peak in 
the final Fourier difference map (0.25 eÅ-3) was located 0.73 Å from N1. 
4:  Systematic absences h0l (h+l ≠ 2n) and 0k0 (k ≠ 2n) were consistent only with space 
group P21/n.  The structure was solved using direct methods (SHELXTL).  The correct positions 
for the iron and nitrogen atoms and some carbon atoms were deduced from an E-map.  The 
quantity minimized in the least-squares program was Σw(Fo2 – Fc2)2, where w = {[σ(Fo2)]2 + 
(0.0487P)2}-1 and P = (Fo2 + 2Fc2)/3.  Subsequent least-squares refinement and difference 
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Fourier calculations revealed the positions of all remaining atoms, including the hydrogen atoms.  
The largest peak in the final Fourier difference map (0.42 eÅ-3) was located 0.27 Å from H28A. 
5:  Systematic absences h0l (h + l ≠ 2n) were consistent with the space groups P2/n and 
Pn.  The non-centrosymmetric space group Pn was chosen based on the average value of the 
normalized structure factors and confirmed by successful refinement of the proposed model.  The 
structure was solved using direct methods (SHELXTL).  The correct positions for the cobalt and 
bromine atoms, as well as many of the lighter atoms, were deduced from an E-map.  The 
quantity minimized in the least-squares program was Σw(Fo2 – Fc2)2, where w = {[σ(Fo2)]2 + 
(0.0248P)2}-1 and P = (Fo2 + 2Fc2)/3.  Subsequent least-squares refinement and difference 
Fourier calculations revealed the positions of the remaining non-hydrogen atoms.  The Flack 
parameter refined to 0.014(7), which suggested that the correct absolute configuration had been 
chosen. The largest peak in the final Fourier difference map (0.31 eÅ-3) was located 1.31 Å from 
the cobalt atom. 
4.3.11 Sample preparation for magnetic susceptibility studies of Fe(tmp)2, 2.  Two 
independent, analytically pure, crystalline samples of 2 were crushed to a powder in a glovebox 
and loaded into white Delrin holders designed for air-sensitive samples, the mass of powder 
being determined to the nearest 0.1 mg.  The holders were purchased from Quantum Design, and 
consist of a bucket and a cap which screw together; the cap is attached to a carbon fiber rod 
which has threading on one end to mount directly onto the SQUID instrument sample rod.  (The 
complete air-sensitive sample holder assembly is part no. 4090-405; the cap and bucket should 
not be reused to avoid contamination, but can be detached from the carbon fiber rod and replaced 
independently.  The cap is part no. 4084-242 and the bucket is part no. 4084-241.)  After 
screwing the cap and rod onto the loaded bucket, a thin layer of epoxy was applied to the outside 
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of the threads to ensure an air-tight seal.  The epoxy was allowed to cure, and then the two 
samples, one 24.4 mg and one 34.4 mg, were sealed in separate Schlenk tubes and shipped to 
Prof. Reiff.   
4.3.12 Sample preparation for Mössbauer spectroscopic studies of Fe(tmp)2, 2.  
White Delrin sample holders for Mössbauer studies were constructed by the SCS machine shop 
to match the dimensions of an example holder provided by Prof. Reiff.  Five samples were 
loaded from the same two independent batches of Fe(tmp)2 as used for the magnetic 
susceptibility studies; three were loaded as neat powders and two were loaded as mulls in Krytox 
oil.  Each sample mass was between 52 and 55 mg.  The Mössbauer sample holders consist of 
two close-fitting cups, placed one inside the other with both wells opening upwards.  The sample 
was placed inside the first (larger) cup.  The outer vertical walls (but not the circular face) of the 
second (smaller) cup were covered with a thin layer of Apiezon N grease (a hydrocarbon grease 
which does not attenuate the 14.4 keV γ-rays of 57Fe Mössbauer spectroscopy) and then the 
smaller cup was inserted into the larger cup (the grease now sealing between the two cups).  The 
second cup was pressed firmly down into the first cup to immobilize the sample as much as 
possible.  Excess grease was thoroughly removed, and then the lip between the two cups was 
coated with epoxy to seal it.  The epoxy was allowed to cure, and then the samples were stored 
inside stoppered 50-mL round-bottomed flasks and shipped to Prof. Reiff (one neat sample) and 
Dr. Stoian (two neat and two mulled samples). 
 
4.4 Results and discussion 
 4.4.1 Synthesis of 1,2-dimethoxyethane adducts of metal dibromides.  The synthesis 
and spectroscopic characterization of a variety of tetrahydrofuran (thf) and 1,2-dimethoxyethane 
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(dme) adducts of first-row transition metal dihalides, such as FeCl2(dme) and CoBr2(dme), have 
previously been reported.65  Many of these compounds were prepared by Soxhlet extraction of 
the metal dihalide with an excess of the ether, mixed with triethylorthoformate as a drying agent.  
In the original report, attempts to form thf adducts of CoBr2 or CoI2 afford the halide-ethoxide 
compounds CoBr1.45(OEt)0.55(thf) and CoI1.1(OEt)0.9(thf)0.6, as shown by microanalysis and the 
evolution of ethanol on hydrolysis.  The source of the ethoxide ligand is triethylorthoformate, via 
reaction of the metal dihalide either directly with triethylorthoformate or with ethanol generated 
by hydrolysis thereof.   
We have observed that similar results are obtained for reactions carried out in dme to 
give products best formulated as FeBr1.6(OEt)0.4(dme) and CoBr1.67(OEt)0.33(dme).  The presence 
of ethoxy groups in these materials is confirmed by the synthesis of 4 (which contains an 
ethoxide ligand; see below), and by the IR spectra, which do not contain the characteristic O-H 
stretch of ethanol but do contain a medium-intensity peak ca. 560 cm-1 attributable to a M-O 
stretch.65    
The use of triethylorthoformate as a drying agent turns out to be unnecessary when the 
metal dibromide is relatively anhydrous (trace water presumably dissolving in the excess dme).  
Soxhlet extraction is also not necessary, and CoBr2(dme) can even be prepared without 
refluxing, although the reaction time increases.  The IR spectra of the MBr2(dme) complexes 
correlate well with those reported for the MCl2(dme) analogues.65 
 4.4.2 Synthesis of two-coordinate 2,2,6,6-tetramethylpiperidide complexes.  The 
addition of lithium 2,2,6,6-tetramethylpiperidide, Li(tmp), to 1,2-dimethoxyethane (dme) or 
tetrahydrofuran (thf) adducts of the metal dibromides in pentane affords the new 2,2,6,6-
tetramethylpiperidide (tmp) compounds M(tmp)2, M = Mn (1), Fe (2), and Co (3). 
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MBr2(ether)x  +  2 Li(tmp)  →  M(tmp)2  +  2 LiBr  +  x ether 
 
The compounds are best isolated by sublimation; crystallization is difficult owing to the high 
solubilities of the compounds in hydrocarbons.  The manganese compound 1 is bright yellow, the 
iron compound 2 is bright red-orange, and the cobalt compound 3 is dark red in solution but 
golden in the solid state.  These colors are similar to those of their M[N(t-Bu)2]2 congeners 
except that the manganese compound 1 is slightly more yellow, the iron compound 2 is slightly 
more red, and the cobalt compound 3 adopts a different color in the solid state.  Compounds 1 
and 2 have lower melting points and sublime at lower temperatures than Mn[N(t-Bu)2]2 and 
Fe[N(t-Bu)2]2.  Compound 3 has the same melting point as Co[N(t-Bu)2]2. 
 Compounds 1-3 are very sensitive to air and moisture, but not pyrophoric.  Solutions or 
solid samples of 1 are particularly sensitive; this compound scavenges adventitious oxygen from 
a clean glove box atmosphere with approximately the efficiency of the glove box catalyst.  1 
rapidly turns dark blue when exposed to small amounts of air, and turns brown upon addition of 
larger amounts of air.  Similarly, although exchanging a stopper for a rubber septum always 
carries some risk of oxidation (by diffusion of small amounts of air into the flask), the risk for 1 
seems to be not whether oxidation will occur, but how much. 
Some details of the reaction conditions are worth mentioning briefly. The use of a 
hydrocarbon as a reaction solvent, which follows our previous work with the di(tert-butyl)amide 
anion,16,71 avoids the well documented ability of Li(tmp) to deprotonate ethers such as thf at 
temperatures above 0 °C.72,73  The use of ether adducts of the metal dibromides also follows our 
previous work, in which lithium di(tert-butyl)amide reduces unsolvated metal dichlorides or 
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dibromides and little to no product is obtained.16,71  Similarly, treatment of NiI2 with two 
equivalents of Li(tmp) affords nickel(0).  The ether ligands presumably both solubilize the metal 
dihalide and stabilize intermediates along the reaction pathway.   
Consistent with this hypothesis, the synthesis of Co(tmp)2 (3) from CoBr2(dme) always 
affords some [Li(dme)][CoBr(tmp)2] (5) as a byproduct (see below).  The solubility of 5 is lower 
than 3, and 5 begins crystallizing first.  Once the solvent has been removed, the mixture of 
products contains some crystals of 5 and a red-brown oil (presumably consisting mostly of low-
melting 3).  A high-yield preparation of 3 has continued to elude us.  Treating CoBr2 with two 
equivalents of Li(tmp) in pentane affords magnetically active gray solids and red-orange or 
orange-brown solutions which appear to be rich in H(tmp).   
During the sublimation step, some care must be taken to remove free H(tmp), which is 
always present owing to adventitious hydrolysis or thermolysis: even small amounts of the free 
amine complicate sublimation by condensing on the water-cooled cold finger and washing the 
product back down into the flask.  This outcome can be avoided by attaching a -78 °C side trap 
directly to the closed vacuum apparatus.  The amine, being somewhat more volatile than the 
M(tmp)2 product, distills into the cold trap while the metal compound remains on the cold finger. 
The IR spectra of 1-3 overlay with only minor variation (Figure 4.1), as expected for 
compounds of different metals possessing the same stoichiometry and structure.  Because of the 
high hydrocarbon solubility of 1-3, the IR measurements are mineral oil solution measurements 
rather than true mulls.  The crystallographic characterization of 2 as a two-coordinate monomer 
(see below and Figure 4.2) suggests that 1 and 3 are also monomeric and two-coordinate, at least 
in solution.  
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4.4.3 Synthesis of three-coordinate 2,2,6,6-tetramethylpiperidide complexes.  The 
presence of ethoxide ligands in FeBr1.6(OEt)0.4(dme) and CoBr1.67(OEt)0.33(dme) was not 
immediately recognized, the C and H microanalytical data being consistent with FeBr2(dme)1.5 
and CoBr2(dme)1.33, respectively.  When Li(tmp) is added to FeBr1.6(OEt)0.4(dme), the dark 
orange compound Fe2(tmp)3(OEt), 4, is formed; this compound has three-coordinate iron centers 
as will be discussed below.   
 As mentioned above, addition of Li(tmp) to either CoBr2(dme) or CoBr1.67(OEt)0.33(dme) 
affords the yellow-green salt [Li(dme)][CoBr(tmp)2], 5, which has a three-coordinate cobalt 
center.  The reaction solutions are initially are green but subsequently darken to brown and 
eventually red-brown.  After all starting materials have reacted, filtering and concentrating 
invariably precipitates out small crystals of 5 (which may appear yellow or yellow-brown until 
they are washed with pentane).  Compound 5 thus appears to be an intermediate in the synthesis 
of 3.  The isolation of 5 during attempts to prepare 3 is unlike the synthesis of Co[N(t-Bu)2]2, for 
which no analogue of 5 is formed and isolation is comparatively straightforward (see Chapter 
2).16  The formation and stability of 5 may be the result of the slightly smaller steric demand of 
the tmp ligand compared with the di(tert-butyl)amido ligand.  
4.4.4 Speculation about the metallation of organic substrates with transition metal 
tmp compounds.  It was reported previously that mixtures of CoBr2 and two equivalents of 
Li(tmp) in thf do not metallate anisole, whereas adding three equivalents of Li(tmp) affords the 
cobalt aryl compound.64  We can now suggest that the solution which results from mixing two 
equivalents of Li(tmp) with thf-solvated CoBr2 is likely a mixture of Co(tmp)2 (3) and a salt 
containing the [BrCo(tmp)2-] anion similar to 5.  This assignment implies that neither 3 nor 5 is 
involved in the initial deprotonation step.  Instead, the metallation of anisole in this system 
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presumably involves a mechanism in which Li(tmp) is the deprotonating agent and there is 
subsequent transmetallation to cobalt, or alternatively one in which deprotonation is effected by 
an “ate” compound incorporating three tmp anions similar to the proposed “LiZn(tmp)3” and 
“LiCd(tmp)3”.35,59  Even if the “ate” ions can be formed, however, their ability to serve as 
deprotonating agents seems unlikely on steric grounds, in light of the inability of the 
comparatively small O2 molecule to react with Cr(tmp)3 despite being able to react with the 
electronically similar but sterically more accessible chromium(III) center in Cr[N(c-Hx)2]3, 
where c-Hx = cyclohexyl.37, †  
4.4.5 Crystallographic Studies.  The molecular structures of Fe(tmp)2 (2), 
Fe2(tmp)3(OEt) (4), and [Li(dme)][CoBr(tmp)2] (5) were determined by X-ray crystallography at 
-80 °C (2) or -100 °C (4, 5).  Crystal data are presented in Table 4.1, and selected bond lengths 
and angles are collected in Table 4.2.  Additional bond lengths and angles are collected in Tables 
4.3-4.8.  In the context of the existing literature on two-coordinate complexes,1,2,4-6 the structure 
of 2 relates most closely to that of Fe[N(t-Bu)2]2;9 we will therefore largely restrict the following 
discussion of Fe(tmp)2 to comparisons with Fe[N(t-Bu)2]2 except when other comparisons are 
particularly informative.   
 The iron compound 2 crystallizes in the monoclinic P21/n space group (Figures 4.2-4.3).  
The carbon atoms of one amido ligand are disordered, with the two alternative locations for the 
piperidine ring being related by a chair-flip, combined with a rotation of ca. 10° about the Fe-N 
axis (Figure 4.4). We will focus our discussion on the major occupancy atoms, which describe 
about three-quarters of the molecules in the crystal.   
                                                 
† This argument is not conclusive, however, because high-spin six-coordinate Co(II) centers are larger than high-
spin six-coordinate Cr(III) centers, 0.885 Å vs. 0.755 Å.74 
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The Fe-N distances in 2 are equivalent within error, and the average of 1.869(1) Å is 
slightly shorter than the 1.880(2) Å distance seen in Fe[N(t-Bu)2]2,9 although the difference is 
small enough to have no chemical significance. The only shorter Fe-N distances in solid-state 
two-coordinate compounds are 1.842(2) Å for Fe[N(CH2CMe3)Dipp]2 (Dipp = C6H3-2,6-iPr2)75 
and 1.853(1) Å for Fe[N(SiMe3)Dipp]2.1,4  The N-Fe-N angle in 2 is 173.2(1)°, which is 
somewhat bent compared with the almost perfectly linear 179.5(1)° angle seen in Fe[N(t-Bu)2]2;  
the idealized symmetry of 2 is C2.  For comparison, the closed-shell two-coordinate compounds 
Zn(tmp)2 and Cd(tmp)2 have N-M-N angles of 179.4° and 175.7°, respectively. Possible reasons 
for the slight deviation from linearity in 2 will be discussed below.    
The C-N-C angles of 119.6(1)° (C1-N1-C5) and 122.9(5)° (C6-N2-C10) are contracted as 
expected compared with the average C-N-C angle of 124.0(2)° for Fe[N(t-Bu)2]2.  Because 
planarity at nitrogen is maintained (sum of angles around N: 359.4° to 359.6°), the contraction in 
the C-N-C angle also causes an increase in the average Fe-N-C angle to 119.9(1)° and 118.4(4)° 
in 2 from 118.0(2)° in Fe[N(t-Bu)2]2.  The dihedral angle between the two NC2 planes is 
73.3(2)°, which is slightly smaller than the 80.5(1)° dihedral angle seen in Fe[N(t-Bu)2]2.  This 
dihedral angle is similar to the values of 74.4° and 73.9° found in Zn(tmp)2 and Cd(tmp)2.34,35   
All intramolecular, interligand C···C distances in 2 are greater than 4.1 Å (shortest: C11-
C15A, 4.139 Å; all others are > 4.5 Å).  The shortest Fe···C contacts are 2.916 Å to C18A and 
2.896 Å to C15A, followed by 2.937(2) Å to C14 and 2.942(2) Å to C11; the Fe···C distances to 
the other methyl carbons are all greater than 3.69 Å.  These contacts are longer than the shortest 
Fe···C distances of 2.80-2.82 Å seen in Fe[N(t-Bu)2]2 (Chapter 2).  The shortest Fe···H distances 
to hydrogen atoms located in the difference Fourier map (i.e., those on the non-disordered amido 
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ligand) are 2.54(2) Å to H11A and 2.55(2) Å to H14A (cf. 2.413 Å to H10A in Fe[N(t-Bu)2]2); 
all other distances to located hydrogen atoms in 2 are greater than 2.94 Å.   
The shortest Fe···C distances in 2 are about 1 Å shorter than the 4.0 Å sum of the van der 
Waals radii for iron (ca. 2.0 Å)76 and a methyl group (2.0 Å),77,78 and are slightly shorter than 
those of 3.152 and 3.402 Å in an iron(II) amide that have been described by Holland as “remote 
agostic interactions.”79  The shortest Fe···H distances in 2 are similar to those of 2.569 and 2.577 
Å in Holland’s compound.  These distances are characteristic of Fe···H-C interactions termed 
alternatively “pregostic”, “preagostic”, or “hydrogen bonding.” (Such distances have sometimes 
been called “agostic,” but such a description is inappropriate80 because there are no vacant d-
orbitals on the high-spin iron(II) center to interact with the C-H bond.)  The Fe···C and Fe···H 
interactions in 2 are best analyzed in terms of weak 3c-3e bonding similar to Rundle-Pimentel 
3c-4e bonding.81-83   
Several suggestions have been made to define when an M···C or M···H interaction is 
electronically significant.  The shortest Fe···C distances in 2 fall within the 3.0 Å limit defined 
by Baratta, Mealli, and coworkers for non-classical M···C interactions.84  Others have proposed 
that the presence of Fe···C interactions can be deduced from solid-state coordination geometries 
(i.e, whether or not the C-H bond appears to occupy a coordination site),79,85-88 or from 1H NMR 
spectroscopic evidence (such as a very large chemical shift or a hindered rotation).89,90  Overall, 
these models suggest that potentially significant interactions are present when Fe···C distances 
between 2.4 and 3.4 Å are accompanied by Fe···H distances between 1.8 and 2.7 Å.79,84-92  The 
distances in compound 2 fall at the upper end of this range.   
Now we turn to a consideration of how neighboring molecules of 2 interact.  Individual 
molecules of 2 are arranged so that the shortest Fe···Fe distance is 6.781 Å.  The shortest 
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intermolecular C···C contact of 3.564 Å is significantly shorter than twice Pauling’s value of 2.0 
Å for the van der Waals radius of a methyl or methylene group77 but consistent with the shortest 
methyl-methyl contacts in other systems; for example, one of the shortest methyl-methyl 
contacts in aliphatic compounds is 3.57 Å.78  This C···C contact in 2, which occurs between 
methylene carbons C2 of one molecule and C2 of another, apparently constrains the non-
disordered amido ligand such that only one chair conformation is observed (Figure 4.5); as a 
result, the hydrogen atoms on this ligand can be located in the Fourier difference map.  The 
second amido ligand has no similarly short contact, and the lack of short intermolecular 
constraints is consistent with the observation that this ligand adopts a 75:25 split between 
alternative (i.e., disordered) chair conformations (energy difference at -80 °C from the 
Boltzmann equation: 0.41 kcal/mol).  The packing diagram (Figure 4.5) shows that there are five 
other contacts shorter than 3.9 Å between each molecule and its four closest neighbors: four 
involving the non-disordered amido ligand and one involving the disordered amido ligand.  By 
using the Lennard-Jones model to describe the intermolecular potential, and selecting parameters 
appropriate for hydrocarbons (σ = 3.923 Å, ε/kB = 47 K),93 we estimate that the energetic cost of 
the shortest intermolecular C···C contacts in 2 (for molecules in their minimum-energy 
positions) is ca. 0.52 kcal/mol. 
 The iron compound Fe2(tmp)3(OEt), 4, crystallizes in the P21/n space group (Figure 4.6-
4.7).  The compound is dinuclear; there are two bridging ligands (ethoxide and tmp) and each 
iron center bears one terminal tmp ligand.  Both iron(II) centers are therefore three-coordinate, 
and each iron atom has a trigonal planar geometry (sum of the angles around iron: 359.5° and 
359.7°).  Interestingly, the central Fe-N-Fe-O ring is folded into a butterfly shape:  the dihedral 
angle between the trigonal planes is 30.4(1)°.  The ring itself is a distorted square with O-Fe-N 
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angles of 90.1(1)° and 89.0(1)° (Fe1 and Fe2, respectively), an Fe-O-Fe angle of 91.7(1)°, and an 
Fe-N-Fe angle of 83.7(1)°.  The Fe-Fe distance of 2.813(1) Å is most likely non-bonding; it is 
longer than the 2.72 and 2.66 Å distances found in {Fe[N(Ph)2]2}2 and {Fe[N(SiMe3)2]2}2.28  In 
those cases the four-membered rings are planar, with N-Fe-N angles of 96.4° and 100.5°, and Fe-
N-Fe angles of 83.6° and 79.4°, respectively.   
The terminal Fe-N distances in 4 of 1.903(2) and 1.910(2) Å are slightly shorter than the 
bridging Fe-N distances of 2.093(2) and 2.123(2) Å, which reflects the lower bond order of the 
bridging Fe-N bonds.  Similar trends are seen in {Fe[N(Ph)2]2}2 (terminal, 1.895(3) Å; bridging, 
2.036(3), 2.039(2) Å) and {Fe[N(SiMe3)2]2}2 (terminal, 1.927(3), 1.923(3) Å; bridging, 2.086(2), 
2.083(2) Å).28  The terminal Fe-N distances in 4 of ca. 1.91 Å are some 0.04 Å longer than those 
in 2, as expected for a three-coordinate vs. a two-coordinate metal center.74 
The bridging Fe-O distances of 1.956(1) and 1.963(1) Å are somewhat longer than the 
bridging Fe-O distances of 1.912(4) and 1.922(4) Å in [Li(thf)][Fe(ditox)3] (ditox = -OC(Me)(t-
Bu)2),94 in which the iron(II) center is also three-coordinate, but the second metal center is 
lithium.  The distances are shorter than the bridging Fe-O distances of 2.021(5) and 2.042(5) Å 
in four-coordinate [NEt4]2[Fe(μ-O-p-C6H4Me)Cl2]2,95 consistent with the lower coordination 
number in 4. 
The two terminal amides are rotated about their Fe-N bonds so that the NC2 planes are 
not orthogonal to the local FeN2O plane, but instead form angles of ca. 75° for N1 and ca. 70° 
for N3.  These rotations, in combination with the 30° angle between iron(II) coordination planes, 
serve to place the two amides on each three-coordinate iron(II) center in approximately the 
pinwheel configuration observed for all three amides on three-coordinate Cr(tmp)3,37 Y(tmp)3,36 
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and Ce(tmp)3,38 in which the amides are rotated about the M-N bonds so that the NC2 planes 
form a dihedral angle of 55-67° with respect to the MN3 plane.   
The shortest intramolecular, interligand distances are 3.676 and 3.798 Å between C27-
C28 and C6-C28, respectively; all other distances are longer than 3.98 Å.  The two shortest 
distances may contribute to the observed geometry; the displacement of the ethoxide ligand from 
the Fe1-N2-Fe2 plane may help to minimize these repulsions.  Several distances from iron to 
hydrogen atoms found in the difference Fourier map fall into the range discussed above for 3c-3e 
iron-methyl hydrogen bonding interactions (listed as M···H, M···C): Fe1···H6A-C6: 2.62, 2.956 
Å; Fe2···H16C-C16: 2.56, 3.081 Å; Fe2···H17C-C17: 2.55, 3.077 Å; Fe2···H27A-C27: 2.64, 
2.976 Å.  All of these interactions are longer than those found in compound 2.   
The shortest intermolecular Fe···Fe distance in 4 is 7.505 Å between Fe1 and the Fe2 
atom of a neighboring molecule, and the closest intermolecular C···C interactions are 3.423 and 
3.465 Å between C18-C18D and C17-C17C of two other neighbors (costing ca. 2.19 and 1.78 
kcal/mol, respectively, using the Lennard-Jones potential with methyl-methyl parameters of σ = 
3.923 Å and ε/kB = 96 K).93  Another five C···C interactions lie between 3.8 and 3.9 Å, but these 
clearly have a lower energetic cost (0.20 to 0.03 kcal/mol).   
The possibility that the alkoxide ligand in 4 is not ethoxide but vinyloxide, –OCH=CH2 
(as in [Ce(μ-OCH=CH2)(tmp)2]2,38 where the vinyloxide group arises from decomposition of thf) 
can be excluded by the absence of a C=C stretch in the IR spectrum (a strong band at 1591 cm-1 
is seen for [Ce(μ-OCH=CH2)(tmp)2]2), by the C-C bond length which refines without constraints 
to ca. 1.51 Å, and by the appearance in the Fourier difference map of five hydrogen atoms in the 
correct locations.  A few other compounds are known that bear both ethoxide and tmp ligands:  
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[Y(μ-OEt)(tmp)2]2 is prepared by ethanolysis of Y(tmp)3, and [(tmp)2Y(μ-OEt)(μ-OBu)Y(tmp)2] 
and [Ce(μ-OEt)(tmp)2]2 are proposed to result from cleavage of diethyl ether.36  
The cobalt compound [Li(dme)][CoBr(tmp)2], 5, crystallizes in the Pn space group 
(Figure 4.8-4.9).  The cobalt center is three-coordinate and surrounded by a bromide and two tmp 
ligands.  The three ligands about the Co center form a trigonal planar arrangement, and a pseudo-
C2 axis relates the two tmp ligands, with the bromide lying just 6.7° off of this axis.  The 
bromide and one of the two tmp ligands bridge to a lithium center, which is chelated by a dme 
molecule.  The NC2 planes of the tmp ligands form dihedral angles of 88° (terminal) and 90° 
(bridging) with respect to the CoN2Br plane.  The Co-N-Li-Br ring is planar, and this plane is an 
approximate mirror plane for the molecule as a whole.  The angles in the central ring are Li1-
Br1-Co1 = 71.4°, Br1-Li1-N2 = 96.8°, Li1-N2-Co1 = 90.6°; and N1-Co1-Br1 = 114.6°.   
The Co-N distances are 1.870(3) Å (terminal) and 1.980(3) Å (bridging to Li).  This 
terminal Co-N distance is slightly longer than the average Co-N distance of 1.86 Å in Co[N(t-
Bu)2]2 (see Chapter 2).  The N-Co-N angle is 144.2°.  These distances are shorter and the angle is 
larger than those in the homoleptic dimers {Co[N(SiMe3)2]2}2 (terminal Co-N, 1.910(5) and 
1.922(5) Å; bridging Co-N, 2.062(4) Å; N-Co-N, 128.8(1)°)29 and [Co(NPh2)2]2 (terminal Co-N, 
1.889(8) Å; bridging Co-N, 1.993(8) and 2.004(7) Å; N-Co-N, 126.0°)96.  Interestingly, the 
terminal tmp ligand directs its equatorial methyl groups toward the bromide group, minimizing 
the steric interactions between the two bulky amido ligands.  
The Co-Br and Li-Br distances are similar, at 2.505(1) and 2.510(7) Å, respectively.  The 
Shannon radii for four-coordinate Li and four-coordinate high-spin CoII are very similar, 0.73 
and 0.72 Å, respectively,74 but the radius for the three-coordinate cobalt(II) center in 5 should be 
somewhat smaller; consequently, the statistical equivalence of the M-Br bond lengths suggests 
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the bromide group in this compound may be interacting more strongly with lithium than with 
cobalt(II).  A few other lithium salts of three-coordinate cobalt(II) coordination compounds are 
known.  These compounds typically have two bulky alkyl, alkoxide, or amide ligands and one 
halide, although occasionally a different bulky ligand replaces the halide.  These compounds 
exhibit varying degrees of interaction with the Li cation: complete separation of the solvated 
lithium cation in [Li(tmeda)2][CoCl{CH(SiMe3)2}2]97 and [Li(thf)4][Co{OC(t-
Bu)3}2N(SiMe3)2],98 a single halide bridge between cobalt and lithium in 
[Li(thf)(OEt2)2][CoCl{N(Ph)BMes2}2]99 and [Li(thf)3][CoCl{OC(t-Bu)3}2],98 and two bridging 
ligands found in 5 and [Li{μ-OC(t-Bu)3}2CoN(SiMe3)2].98  The solvation of the Li center can 
affect the nature of the product isolated; for example, salt-free, two-coordinate Co[N(Ph)BMes2]2 
could be isolated only by changing the reaction solvent from tetrahydrofuran to diethyl ether.100  
The Li-N distance of 2.135(8) Å in 5 is somewhat longer than the 2.00(2) Å distance 
found in [Li(tmp)]4,66 but this difference merely reflects that each lithium atom is two-coordinate 
in the tetramer, and the lithium atom is four-coordinate here.  In copper(I) “ate” compounds with 
bridging tmp ligands, the Li-N distances increase with increasing coordination number of 
lithium: 1.992(9) Å for the three-coordinate Li centers in Li(tmeda)(μ-tmp)CuMe , and 2.188(4) 
Å for the four-coordinate Li centers in Li(thf)3(μ-tmp)CuPh.101  The chelating dme ligand of 5 
has a bite angle of 81.4°.  The methyl groups on the dme ligand are directed away from the 
bridging tmp ligand, which in turn directs its equatorial methyl groups to the lithium side of N2.   
Several short intramolecular contacts in 5 are of interest.  The bromine atom interacts 
with one methyl group on the dme ligand: the Br1···C21 distance of 3.798 Å is shorter than the 
3.9 Å sum of the van der Waals radii (the radius for Br is ca. 1.9 Å76).  In contrast, the Br1···C22 
distance of 3.990 Å is normal.  Similarly, one oxygen atom of the dme ligand interacts with a 
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methyl group on the bridging tmp ligand; compare O1···C15, 3.280 Å (the van der Waals radius 
for O is ca. 1.5 Å76), and O2···C18, 3.456 Å.  There are some tmp-dme methyl-methyl repulsions 
as well: C15···C21, 3.826 Å and C18···C22, 3.717 Å.  The two tmp ligands also share methyl-
methyl repulsions, between C6···C18, 3.812 Å, and C9···C15, 3.759 Å.  Overall, the picture 
painted is one in which 5 contains some strain, but no single interaction is repulsive by more than 
ca. 0.4 kcal/mol.   
The shortest intermolecular C···C contacts in 5 are 3.695 Å, between C11 of one 
molecule and C22 of a neighboring molecule (and vice versa; C11 is a methylene carbon on the 
N2 amide, and C22 is a methyl group on the dme).  There are also short (3.768 and 3.651 Å) 
intermolecular carbon-bromide contacts involving Br1 and atoms C19 and C20, which are the 
two methylene carbons of the dme ligand.  These methylene-bromide interactions appear to 
constrain the five-membered Li-dme ring, perhaps contributing to the lack of disorder at this 
location in the crystal. 
 4.4.6 Magnetic susceptibility studies of Fe(tmp)2.  The room-temperature magnetic 
moment of 2, 5.91 μB, as determined from the zero-field-cooled AC magnetic susceptibility 
(Figure 4.10), is considerably larger than the spin-only value of 4.90 μB for an S = 2 molecule.  
The magnetic moment is approximately equal to the spin-only value for an S = 5/2 center, 5.92 
μB, as if the orbital contributions to the magnetism add an entire spin.  For comparison, the 
effective magnetic moment of the essentially linear Fe[N(t-Bu)2]2 compound, as determined from 
the AC susceptibility, is only 5.55 μB, which suggests the surprising result that 2 has a more 
nearly degenerate ground state than the more linear compound Fe[N(t-Bu)2]2.  This topic will be 
discussed in more detail below.  
169 
 
The zero-field-cooled DC magnetic susceptibility of 2 is independent of the field strength 
for small DC fields (50 Oe and 100 Oe, Figures 4.11-4.12).  At larger applied fields (1000-50000 
Oe), the observed magnetic moment is larger, consistent with the field alignment observed in 
several other two-coordinate iron(II) compounds.11,13  These high-field values reach the 6.71 μB 
free-ion value for S = 2, independent of the magnetic history of the sample.  The high-field 
behavior of 2 is similar to that of Fe[N(t-Bu)2]2, which also nears the free-ion effective moment 
at high applied fields of 1-5 T.16  
Isothermal magnetization plots at 2 K (Figure 4.13) are independent of whether the 
sample had been field cooled or zero-field cooled.  The highest magnetization values, ca. 24000 
emu/mol, slightly exceed the theoretical S = 2 saturation magnetization of 22300 emu/mol, as 
well as the 20200 emu/mol value observed for Fe[N(t-Bu)2]2.13   
 4.4.7 Mössbauer spectroscopic studies of Fe(tmp)2.  The room-temperature Mössbauer 
spectrum of powdered Fe(tmp)2, 2, features a weakly absorbing quadrupole doublet (Figure 4.14) 
with an isomer shift of δ ≈ 0.5-0.6 mm/s and a quadrupole splitting of ΔEQ ≈ 1.5 mm/s.  A 
second, very weak quadrupole doublet can be observed whose isomer shift and quadrupole 
splitting are near δ ≈ 0.2-0.3 mm/s and ΔEQ ≈ 4.5 mm/s.  The origin of this second doublet is not 
clear; the doublet may result from adventitious decomposition, or from a second population of 
Fe(tmp)2 molecules with a rather different electric field gradient tensor. 
 When the same sample is cooled to 77 K, the Mössbauer spectrum consists of a single 
quadrupole doublet (Figure 4.15).  Fitting this spectrum affords an isomer shift δ of 0.56 mm/s 
and a quadrupole splitting ΔEQ of 1.47 mm/s.  The isomer shift reflects the s-electron density at 
iron, and falls near the center of the rather broad range of δ = 0.4-0.8 mm/s observed for the 
other two-coordinate iron(II) compounds characterized by Mössbauer spectroscopy.10,11,13,102-105  
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The quadrupole splitting reflects the interaction of the nuclear quadrupole moment with the 
electric field gradient tensor, and also falls near the center of the broad range of 0.68-2.91 mm/s 
seen for two-coordinate iron(II) compounds.  The electric field gradient tensor contains a valence 
shell occupation contribution (positive and ca. 3-4 mm/s owing to the nearly degenerate (xy, x2-
y2)1 β-spin electronic configuration) and a covalence anisotropy contribution (expected to be 
negative owing to the nearly linear alignment of the ligands along the z-axis).10,11,103 
 When a sample of powdered 2 as a Krytox mull is cooled to 4.2 K in zero field, fully 
resolved hyperfine splitting is observed in the Mössbauer spectrum (Figure 4.16).  Thus, even at 
0 T, slow electronic spin relaxation gives rise to Zeeman splitting of the nuclear spin levels.  This 
phenomenon suggests a relatively unmixed MJ = ± 4 ground state, for which the ΔMJ = 8 
transitions are highly forbidden and therefore relaxation is slow.11  Such behavior is unusual:  
Only two other two-coordinate compounds, the neutral and anionic Fe[C(SiMe3)3]20/-, have been 
reported to show magnetic hyperfine splitting in zero field; both of these compounds have 
exactly degenerate grounds states by symmetry.10,103  The full width of the nuclear Zeeman 
splitting in 2 is ca. 42 mm/s.  The spectrum can be simulated using a nearly uniaxial S' = ½ 
effective spin Hamiltonian with principal components of the g-tensor being geff,x = geff,y = 0.1 and 
geff,z = 12.  This simulation yields the red line shown in Figure 4.16, which has the parameters  
= 0.58 mm/s, ΔEQ = -1.75 mm/s, linewidth  = 0.84 mm/s, and a hyperfine coupling constant Az 
= 270.6 T.  The linewidth is nearly three times larger than expected.  This issue will be discussed 
further below.  The simulated internal hyperfine field is HINT = 135.6(7) T.  In zero applied field, 
the effective field is solely the result of the internal field, which itself has contributions 
corresponding to the Fermi, dipolar, and orbital fields, i.e., HINT = HF + HD + HL.10  For the 
Fermi contact term, we can use the approximation of -12.7 T/spin; for S = 2 this gives HF ≈ -51 
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T.10,106  The spin dipolar contribution is the smallest term and often neglected,10,13,106 and thus the 
orbital angular momentum contribution to the field can be estimated as HL ≈ 187 T.  This value 
is some 30 T larger than the corresponding orbital field in Fe[N(t-Bu)2]2 (at H0 = 9 T, HINT ≈ 113 
T and HL ≈ 155 T),13 and is the second largest orbital field reported to date (Table 4.9). 
The zero-field spectrum at 4.2 K also shows a small quadrupole doublet near the center of 
the spectrum, suggesting that the sample contains a fraction of sites which are not in the slow 
relaxation limit in zero field.  These sites contribute ca. 14 % of the absorption signal.  An 
expanded scan of this central doublet (Figure 4.17) is best simulated with two overlapping 
quadrupole doublets with similar isomer shifts, δ1 = 0.58 mm/s and δ2 = 0.61 mm/s, and different 
quadrupole splittings, ΔEQ1 = 1.28 mm/s and ΔEQ2 = 1.64 mm/s.  The averages of these values, 
δav = 0.59 mm/s and ΔEQav = 1.46 mm/s, correspond closely to the fit at 77 K.  It may be the case 
that the same two doublets are present but not resolved in the 77 K spectrum (contributing to the 
large linewidths of that spectrum).  We posit that the two doublets with similar isomer shifts but 
different quadrupole splittings may arise from different conformations of compound 2 (e.g., the 
two components of the crystallographic disorder model, or two different polymorphs). 
When a magnetic field of 8 T is applied to the same sample (Figure 4.18), slow relaxation 
is induced for most but not all of the iron centers.  The magnitude of the hyperfine splitting 
increases in the field (to ca. 44 mm/s at 8 T); this increase demonstrates that HINT is positive, as 
required when HL is the largest component.  In an 8 T field, the central quadrupole doublet 
appears more intense at 40 K than it did at 4.2 K, but this small effect may be due to broadening 
of the hyperfine lines at the higher temperature rather than from thermal repopulation of the fast-
relaxing state which gives rise to the quadrupole doublet.  The spectra are fit using the same 
effective spin Hamiltonian as for the zero-field spectrum.  In contrast with the arylamido 
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compounds Fe[N(H)AriPr6]2 and Fe[N(H)ArMe6]2,11 the intensities of the second and fifth lines in 
the spectrum (corresponding to the ΔMI = 0 transitions) do not go to zero in an applied field.  
That is, the internal field of 2 apparently resists polarization by even an 8 T applied field.  
Fe[N(t-Bu)2]2 also resists polarization in an applied field, although to a lesser extent.13  The 
different behavior of the arylamido and alkylamido compounds is not yet understood. 
The variable-field Mössbauer spectra of a neat sample of powdered 2 at 4.2 K also reveal 
magnetic hyperfine splitting (Figure 4.19).  In zero field, the Mössbauer spectrum of this neat 
sample matches the spectrum of the Krytox mull.  Applying fields of 4-8 T has similar effects as 
when the sample is mulled in Krytox.  In addition to increasing the magnitude of the hyperfine 
sextet (again verifying that HL dominates HINT), the applied field induces slow paramagnetic 
relaxation for the entire sample even at 4 T.  The second and fifth lines (ΔMI = 0 transitions) 
again do not decrease in intensity owing to polarization.  From these observations, we conclude 
that the Krytox mulling agent must have only a limited effect on the observed spectra (i.e., the 
important spectral features are not the result of dissolution or immobilization of the powder by 
the Krytox). 
Just as for the Krytox mull, the neat sample has broader linewidths than anticipated.  
These linewidths increase in an applied field.  One way to simulate the observed spectra as 
having more modest linewidths is to treat each spectrum as a convolution of two nested but 
nearly identical hyperfine sextets.  Using the effective spin Hamiltonian described above, the 
first sextet has the parameters 1 = 0.61 mm/s, ΔEQ1 = -1.71 mm/s, 1 = 0.4 mm/s, and Az1 = 
269.0 T, and the second sextet has the parameters 2 = 0.55 mm/s, ΔEQ2 = -1.82 mm/s, 2 = 0.6 
mm/s, and Az2 = 276.8 T.  The averages of these values—av = 0.58 mm/s, ΔEQav = -1.76 mm/s, 
and Azav = 272.9 T—are quite similar to the simulation results for the Krytox sample.  This 
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suggests that the lines may be broad owing to the presence of two independent but similar 
conformations.  Alternatively, the linewidth broadening in applied fields may result from the 
failure of the applied field to polarize the internal field.  In powder samples where the magnetic 
structure is unaffected by the applied field, it is typical not only for the linewidths to increase but 
also for the first and sixth lines to split into two lines each.107,108  This arises from vector addition 
of the applied field to the randomly oriented internal field.  A random powder in a field will thus 
have two effective populations, owing to the alignment of H0 along HINT yielding an either 
parallel or antiparallel net contribution to the effective field at the nucleus.  The present evidence 
does not allow us to distinguish between these possibilities. 
Since the discovery of an extremely large internal hyperfine field in the linear iron(II) 
alkyl Fe[C(SiMe3)3]2 in 2004,10 five two-coordinate iron(II) compounds (including 2) have been 
studied by low-temperature and applied-field Mössbauer spectroscopy (Table 4.9).11,13,102  All six 
compounds show large orbital contributions HL to the internal hyperfine field, arising from the 
degeneracy of the ground electronic state or from spin-orbit coupling to low-lying excited states.  
The tabulated orbital fields, and also the resulting internal hyperfine fields, are the largest 
observed to date in any iron compounds; only the 113-133 T orbital field contributions observed 
for one family of three-coordinate iron(II) β-diketiminate compounds comes close to these 
values.4  The orbital contribution of ca. 102 T observed for the linear two-coordinate iron(I) alkyl 
Fe[C(SiMe3)3]2- is somewhat smaller than those seen for the two-coordinate iron(II) compounds.5   
Although the very large orbital contribution to the internal field of Fe(tmp)2 is an 
important finding in its own right, it also helps us obtain a general understanding of the factors 
that affect the magnitude of the orbital contribution, as we will show.  The large orbital 
contributions to the magnetic moments and internal hyperfine fields of these two-coordinate 
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iron(II) compounds can be explained by either of two hypotheses, both of which posit that the 
orbital contribution arises from degeneracy or near-degeneracy of the δ-symmetry d-orbitals.   
One hypothesis proposes that the local symmetry at the metal center is the principal 
determinant of the orbital contribution to the magnetic moment: if the local symmetry is high 
enough to make the xy and x2-y2 d-orbitals symmetry-equivalent, then there should be a first-
order (and therefore, large) contribution of the orbital angular momentum to the magnetic 
moment.  Relatively large differences between compounds with the same local symmetry result 
from sensitivity to perturbations arising from the total symmetry (e.g., through symmetry-
allowed mixing of the ground state MJ = ±4 spin-orbit doublet with nearby spin-orbit states).2   
An alternative hypothesis rejects local symmetry descriptions and instead proposes that 
only the exactness of the degeneracy of the ground state matters, noting that the observed 
magnetic moments correlate linearly (R2 = 0.97; Figure 4.20) with the calculated splitting of the 
d-orbital energies.  It is this correlation, not recognized by the authors of the ab initio study,3 
which gives us some confidence that the calculated splittings do reflect a real energy gap despite 
the fact that no corresponding d←d absorption band is observed for any of these compounds.  
Large deviations from linearity and close contacts between the iron center and ligand periphery 
(secondary interactions) both serve to split the δ-symmetry d-orbital energies, by making one 
orbital weakly anti-bonding.  Weak δ-bonding can also serve this purpose (see below). 
The compound Fe(tmp)2 represents a nearly ideal test case for deciding between these 
two hypotheses, if we assume that the molecular structure at 4.2 K is substantially similar to the 
crystallographically determined structure at 193 K.  Because the N-Fe-N angle in this compound 
is non-linear (173°), the local symmetry is C2v and the total symmetry is C2; the d-orbital 
energies, however, must be relatively unperturbed by the bending from those of Fe[N(t-Bu)2]2 
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because the deviation is small and the potential energy surface is very flat along this molecular 
coordinate (see below).  If lowering the local symmetry to C2v removes the first-order 
contribution to the orbital angular momentum, as the first hypothesis posits, this small 
perturbation must result in a non-negligible lowering of HL compared with Fe[N(t-Bu)2]2.  If, on 
the other hand, the d-orbital splitting dominates the orbital contribution, as the second hypothesis 
posits, this small perturbation must not result in a lowering of HL compared with Fe[N(t-Bu)2]2, 
and may give rise to an increase in HL owing to weaker metal-ligand secondary interactions or 
weaker δ-bonding. 
The very large orbital field of ca. 187 T observed for 2 dramatically exceeds the orbital 
field of 155 T measured for Fe[N(t-Bu)2]2, consistent only with the second hypothesis, that the d-
orbital splitting and not the local symmetry at the iron center is the controlling factor.  The larger 
orbital field is in agreement with the magnetic data (AC susceptibility measurements give 5.91 
μB for 2 vs. 5.55 μB for Fe[N(t-Bu)2]2, see above), and is further supported by AOM calculations 
that suggest 2 has the smaller (xy, x2-y2) energy gap (see below).   
4.4.8 Angular overlap model (AOM) calculations.  We performed two types of angular 
overlap model (AOM) calculations to explore the electronic structures of the new tmp 
compounds.  In the first type, the literature equations68 for the overlap of each ligand with the 
canonical d-orbitals were used to compute d-orbital splitting diagrams for 2, 4, and 5.  Although 
2 is a chemical relative of Fe[N(t-Bu)2]2,9,13 the tmp ligand possesses a mirror plane, whereas the 
di(tert-butyl)amido ligand possesses at least a two-fold rotation axis. This difference changes the 
allowed point symmetries of M(tmp)2 complexes compared with those of M[N(t-Bu)2]2 
compounds.  Specifically, the molecular symmetries available to the M(tmp)2 compounds are 
constrained to the C2h and C2v point groups and their various subgroups.  The C2h and C2v 
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symmetries require co-planarity of the two NC2 ligand planes (we will call structures with 
dihedral angles near 0° or 180° “eclipsed”; we define the vector normal to the NC2 plane as 
pointing in the same direction as the axial methyl groups of the tmp ligand, such that a dihedral 
angle of 0° will impart C2v symmetry, and 180° will impart C2h symmetry), whereas all other 
dihedral angles between the two NC2 planes (including the 73.3° dihedral angle seen 
experimentally) correspond to (at most) C2 symmetry.  (We will call structures with dihedral 
angles near 90° “staggered.”)  For comparison, the linear compounds Mn[N(t-Bu)2]2 and Fe[N(t-
Bu)2]2, which both have a dihedral angle of ca. 80° between the two NC2 ligand planes, adopt 
idealized D2 symmetries in the solid state.   
The AOM enables a comparison of the electronic structures of M(tmp)2 compounds in 
test structures corresponding to the C2h, C2v, and C2 point groups.  If we assume that the metal-
ligand bond distance is constant, then the overlap between metal and ligand orbitals varies only 
with angular displacement from the structure having maximal overlap. For 2, two alternative 
geometries were compared with the structure deduced from the X-ray crystallographic data: an 
eclipsed structure with φdihedral = 0° (C2v symmetry) and a staggered structure with φdihedral = 90° 
(C2 symmetry).  In computing the energies in the observed structure, mixing between d-orbitals 
was neglected because such mixing is small for small deviations from linearity (it is zero for a 
linear compound).  Furthermore, mixing between d-orbitals cannot be solved analytically in the 
AOM without making assumptions about the relative magnitudes of the eσ and eπ parameters, 
because eσ × eπ cross-products arise in the off-diagonal elements of the AOM Hamiltonian.   
A fundamental electronic difference between the eclipsed and staggered geometries of 
the M(NR2)2 compounds is that in eclipsed geometries the nitrogen p-orbitals donate into only 
one of the dxz, dyz pair (the z-axis being defined as the N-M-N axis), whereas for staggered 
177 
 
geometries the nitrogen p-orbitals donate into both dxz and dyz.  This difference is reflected in the 
d-orbital splitting diagrams calculated for the C2v, linear C2, and observed C2 structures (Figure 
4.21).  We have neglected s-d mixing in this diagram, which will in general lower the energy of 
the z2 d-orbital.  
Placing six d-electrons in a high-spin configuration (as observed for Fe(tmp)2, 2) into the 
AOM-generated d-orbital splitting diagrams shows that the crystallographically observed 
structure must have an electronic configuration of (x2-y2)2(xy)1(yz)1(xz)1(z2)1, corresponding to a 
5A ground state.  The main conclusion is that the electronic preference for any one structure is 
very small.  This conclusion is not changed if symmetry-allowed 4s-3dz2 mixing is taken to 
account:109,110 the staggered C2 structure with θNMN = 180° and φdihedral = 90° has a relative 
energy of 2 eσ + 2 eπx + 2 eπy – 4 esd (Figure 4.21b), where eσ and eπ are the metal-ligand σ and π 
interaction energies, and esd is an s-d mixing parameter involving the dz2 orbital.  The eclipsed 
C2v structure has essentially the same energy (although it is disfavored sterically; see below).  
The electronic cost of bending θNMN from 180° to the experimentally observed angle of 
173.2° (Figure 4.21c, relative energy = 2 eσ + 2.003 eπx + 2.005 eπy – 3.96 esd) is 0.003 eπx + 
0.005 eπy + 0.04 esd, that is, small.  Values of eπx = 5000 cm-1, eπy = 2000 cm-1,‡ and esd = 1500 
cm-1 are reasonable;3,109,110 we use these values to estimate that the energetic cost of bending 
θNMN from 180° to 173.2° is 85 cm-1 (0.24 kcal/mol).  Bending to θ = 160° (keeping φ = 73°; 
relative energy = 2 eσ + 2.021 eπx + 2.039 eπy – 3.65 esd) would cost only an additional 1.8 
kcal/mol; i.e., the potential energy surface for bending the N-M-N angle in 2 is extremely flat.   
                                                 
‡ Traditionally, this value is taken as zero for an amido ligand, because the py orbital is involved in making N-C 
bonds.  However, ab initio calculations suggest M-N π-bonding involving the nitrogen py orbital is non-negligible;3 
this result can be understood either as an electrostatic contribution to the orbital energies, or as direct overlap of the 
metal dπ orbitals with the ligand N-C σ-bond orbitals.  This is a general feature of the ab initio calculations on two-
coordinate iron(II) compounds, and even the nominally σ-bonding only ligands in Fe[C(SiMe3)3]2 are computed to 
be isotropic π-donors with eπx = eπy = 2364 cm-1.3 
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The transition metal centers in compounds 4 and 5 have planar, three-coordinate 
geometries and their electronic structures can be interpreted in the context of homoleptic three-
coordinate amido compounds, discussed elsewhere.111,112  Because the amido ligand is an 
anisotropic π-donor as well as a σ-donor, the orientation of the ligands relative to the metal 
coordination plane (defining the dihedral angle φ = 90° when the ligand NC2 plane is 
perpendicular to the MN3 plane) alters the distribution of π-antibonding across the d-orbitals.  
The AOM ordering of the molecular orbitals of metal d-orbital parentage is shown for several 
values of φ in Figure 4.22.  We have neglected s-d mixing, which will lower the z2 d-orbital in 
energy by 2.25 esd; if this factor is large enough, it can re-order the orbitals.§  The d-electron 
energy is minimized for all open-shell compounds when φ = 90° (non-uniquely in the case of d5).  
However, when interligand repulsions arise, they impart a steric preference for φ < 90°.  The 
observed dihedral angle φ then is a compromise between ligand-metal π-bonding and interligand 
closed-shell (steric) repulsions.  The observed values of φ for Cr(NR2)3 compounds, 71° for NR2 
= N(iPr)2,113 53° for NR2 = N(SiMe3)2,114 and 60° for NR2 = tmp,37 are consistent with the steric 
trend N(iPr)2 < N(SiMe3)2 < tmp, and the π-donor ability trend N(SiMe3)2 < N(iPr)2 ≈ tmp. 
Figure 4.23 compares the relative AOM orbital ordering for an idealized M(NR2)3 
compound with φ = 60° with those for compounds 4 and 5, which are of the type 
[M′][MX(NR2)2], where X and one NR2 ligand bridge between M and M′.  The orderings for 4 
and 5 are not quantitative because numerical estimates would require evaluating the relative 
magnitudes of the amide, ethoxide, and bromide eσ and eπ values.  The displayed ordering 
assumes only that bridging ligands use one orbital to form σ bonds with each metal center, and 
                                                 
§ This will be less true for d7 compounds because placing the z2 d-orbital lowest in energy generates a (z2, xz)2 or (z2, 
yz)2 configuration of the two β-spin electrons.  These configurations derive from the 4P free-ion term, and incur 
large inter-electron repulsion energies owing to the confinement of both electrons to the xz or yz plane (see Ch. 2).  
Consequently, the (xz, yz)2 ground state is most likely for d7 cobalt(II) compounds unless s-d mixing is very strong.   
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that any remaining orbitals of π symmetry (0 for tmp, 1 each for bromide and ethoxide) are 
shared between the metal centers.  The σ- and the π-orbital splittings in these compounds reflect 
the different ligand bonding modes and strengths. 
Replacing one tmp ligand in Cr(tmp)337 with a bromide ligand decreases the steric 
congestion around the metal center.  This change allows the tmp ligands in 5 to adopt dihedral 
angles within a few degrees of 90° (e.g., the terminal tmp ligand has φ = 87°), as is preferred 
electronically.  In contrast, the tmp ligands in 4 adopt φ values more similar to those found in 
Cr(tmp)3 despite the modest size of the ethoxide ligand.  In addition, the dinuclear core of 4 
adopts a butterfly (non-planar) geometry.  Probably both effects reflect the need to satisfy the 
electronic and steric preferences of the two iron(II) centers simultaneously.   
In a second type of calculation, the ligand field program AOMX69 was used to calculate 
the potential energy surface of 2, and in particular the energy separation between the xy and 
x2-y2 d-orbitals as a function of the structure of 2.  Recent ab initio calculations (CASSCF + 
NEVPT2)3 on Fe[N(t-Bu)2]2 show that the ground state and first excited state, which both 
correspond to the configuration (xy, x2-y2)3(yz, xz)2(z2)1, are split by 766 cm-1.  A similar 
splitting of 727 cm-1 is seen in DFT calculations on Fe[N(t-Bu)2]2.13 The magnitude of the 
splitting is consistent with the fact that Fe[N(t-Bu)2]2 has a lower symmetry and a lower 
magnetic moment than Fe[C(SiMe3)3]2, for which these two states are exactly degenerate or very 
nearly so (they are split by 92 cm-1 in the ab initio calculations).3,10   
The 766 cm-1 splitting in Fe[N(t-Bu)2]2 as calculated by ab initio methods could arise 
either from weak δ-bonding** or from weak 3c-3e interactions with the ligand methyl groups 
                                                 
**  Metal-ligand δ bonding can arise in the same way that the eπy parameter can be non-zero despite the amides 
having only one π-donor p-orbital.  The δ interaction can be viewed either as an electrostatic effect or as the result of 
overlap with a SALC of the four N-C σ-bonding orbitals.  The four σ-bonds give rise to four SALCs, one with σ 
symmetry, two with π symmetry, and one with δ symmetry. 
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(which are present, as described above).  Two sets of parameters for the AOMX calculations 
were extracted from the ab initio d-orbital ordering, including the 766 cm-1 splitting, one for each 
possible cause.  These parameters are (in cm-1): eσ†† = 4217, eπx‡‡ = 4823, eπy = 2436, eδx = 408, 
and eδy = 0 if δ-bonding is the cause, and eσ = 4134, eπx = 4822, eπy = 2269, and eMHC = 333 if 
Fe···H-C bonding is responsible for the splitting.  Because the longer M···H-C and M···N-C 
distances in 2 relative to Fe[N(t-Bu)2]2 (owing to the contracted C-N-C angle) will give rise to 
weaker interactions, the actual eδx and eMHC parameters must be smaller for 2.  The parameters 
were not reduced to account for this fact, however, because doing so would require knowledge of 
how eδx and eMHC vary with distance. 
State energies for 2 in various geometries were then computed using these parameters in 
AOMX.  Because 2 is d6 and high-spin it can be treated as an effective d1 compound, and the 
relative state energies correspond directly to the d-orbital energies.  Using the parameters above, 
the splitting between the xy and x2-y2 d-orbitals (and thus between the ground and first excited 
states) in the observed molecular geometry is calculated to be 670 cm-1 for the δ-bonding model 
and 643 cm-1 for the Fe···H-C bonding model.  The values are similar because the hydrogen 
atoms which interact with the iron(II) center lie in the same plane as the N-C bonds.  Thus, both 
models predict a smaller splitting for Fe(tmp)2 than the 766 cm-1 value seen for Fe[N(t-Bu)2]2. 
Using the AOM parameterization, we then explored the potential energy surface 
surrounding the observed structure of 2, in order to determine how the xy, x2-y2 d-orbital 
splitting depends on changes in geometry.  Figure 4.24 shows the variation in state energies as a 
                                                 
†† The eσ parameter and s-d mixing parameter esd cannot be determined uniquely from the ab initio results, because 
in a linear compound the z2 d-orbital has the energy 2 eσ – 4 esd (and thus, there are two parameters to fit one orbital 
energy).  Any pair of numbers solving the equation 4217 = 2 eσ – 4 esd is thus acceptable.  We tested the range of esd 
= 0-2000 cm-1 and found the only d-orbital energy that varied by more than 10 cm-1 was the dxz orbital energy in 
bent geometries (equal to 0.75 esd at θNMN = 150°), owing to redistribution of eσ from dz2 without redistribution of esd.   
‡‡ Some authors (and AOMX) use eπs and eπc for eπy and eπx, respectively.  We prefer the x-y nomenclature for the 
more obvious correspondence to the π-donor p-orbitals of the ligands.  
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function of θNMN for the model in which δ-bonding splits the xy and x2-y2 d-orbitals.  The energy 
difference between the ground and first excited states remains nearly constant even for a 30° 
deviation in θNMN from linearity; in other words, bending hardly affects these essentially non-
bonding orbitals.  For the model in which Fe···H-C bonding gives rise to the splitting, the 
splitting will change with the N-Fe-N angle because the Fe···H-C distances depend on this 
parameter, although quantitative evaluation of the effects of a bending distortion would require 
knowledge of the Fe···H-C distances and how eMHC depends on these distances.   
The splittings between the xy and x2-y2 orbitals in 2 and Fe[N(t-Bu)2]2 are different 
because the dihedral angle, φdihedral, is different in the two compounds.  Figure 4.25 shows that, in 
the δ-bonding model, the state energies change significantly as φdihedral is varied, and the two 
lowest-energy states cross at φdihedral = 45°.  The crossing is not avoided because the states do not 
have the same symmetry.§§  Utilizing the Fe···H-C bonding model on the linear geometry of 
Fe[N(t-Bu)2]2, and assuming that the only rotations in the molecule are about the Fe-N bonds 
(which is a more tenuous assumption than those underpinning the δ-bonding model, and 
untenable when φdihedral approaches 0°, because the ligands will repel each other; see below), the 
calculated splitting of the xy and x2-y2 d-orbitals energies lies within 3 % of the splitting 
calculated for the δ-bonding model throughout 0° ≤ φdihedral ≤ 90°.  The two models thus make 
similar predictions, at least for a linear compound, and we will not be able to tease them apart 
with the present body of evidence and level of theory.  Importantly, both models predict that the 
ground state of Fe(tmp)2, 2, should be more nearly degenerate than in Fe[N(t-Bu)2]2 owing to the 
7° smaller value of φdihedral in 2 (i.e., the two C-N-C ligand planes in 2 are less perfectly 
                                                 
§§ Although the xy and x2-y2 orbitals have the same symmetry in the C2 point group, this is only true with the z-axis 
taken as the C2 axis.  In these calculations we have maintained the z-axis from a D2 point group (i.e., the N-M-N 
axis), and taken the bending as in the xz plane.  Thus, the C2 axis is the x-axis; this has the effect of switching the 
symmetries of the yz and xy orbitals, as if the coordinate system has been rotated about the y-axis.  
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staggered), even without accounting for the reduction in the magnitude of the esd or eMHC 
parameter that attends closing down the C-N-C angles. 
As a final interesting note, using the best fit line on a plot of HL vs. ab initio d-orbital 
splitting for the four two-coordinate iron(II) compounds for which both values have been 
reported (Figure 4.20) to estimate the d-orbital splitting in 2 from the measured HL gives 270-
340 cm-1, about half of that calculated using the AOM parameters for Fe[N(t-Bu)2]2.  This result 
is consistent with the smaller magnitude of the eδx or eMHC parameters expected for Fe(tmp)2. 
4.4.9 Influence of non-bonding contacts on the molecular structure of Fe(tmp)2.  
Using the AOM as a parametric molecular orbital theory, we have previously concluded that, as 
a general rule, two-coordinate compounds have a shallow potential well for deviations of up to 
30° in both the L-M-L angle and the dihedral angle between the two ligand planes (see Chapter 
2).9  Fe(tmp)2, 2, adopts a bent structure, but the bend angle of 173° is not far from linear.  The 
dihedral angle between the two ligand NC2 planes is 73°.  Consistent with previous results, AOM 
calculations (above) suggest that the linear geometry with a 90° dihedral angle is preferred, but 
the preference is small (< 0.25 kcal/mol).  Deviations of 30° in either the bend angle or the 
dihedral angle are estimated to cost less than 2-4 kcal/mol, consistent with the generalized 
description.  Therefore, we now consider whether steric factors and weak interactions, including 
packing forces, might have an impact on the observed structure of 2.   
It has been suggested that secondary interactions between the metal and the ligand 
periphery—typically with ipso carbons of aryl rings—can cause bent L-M-L 
angles.1,11,99,100,115,116  We have noted above that the Fe···H-C contacts to several of the ligand 
methyl groups are shorter than the sum of the van der Waals radii and indeed fall at the upper 
end of the range of iron-hydrocarbon distances that reasonably indicate the presence of 3c-3e 
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interactions.  We have also shown that these interactions can rationalize the ab-initio-computed 
splitting of the xy and x2-y2 d-orbitals of Fe[N(t-Bu)2]2.  However, three lines of reasoning 
suggest that such secondary interactions, even if electronically significant, are not structure-
dictating.  In some other bent compounds, the bending has been attributed to the presence of two 
sets of M···C distances, one set shorter and typically called weakly bonding; instead, the 
variation in M···C contacts in 2 is confined to only 0.06 Å, a narrow range unlikely to be 
accompanied by significant energy differences.  We would also expect to see some Fe···C 
distances shorter than those in the nearly linear iron(II) compound Fe[N(t-Bu)2]2; again we do 
not—the distances in 2 are all ca. 0.1 Å longer (indicative of weaker interaction than in the linear 
compound).  Finally, we would expect to see M···C distances in 2 different from those found in 
the essentially linear compound Zn(tmp)2, owing to the similar radii of ZnII and high-spin FeII 
(four-, six-, and eight-coordinate h.s. FeII are larger than ZnII by just 0.03, 0.04, and 0.02 Å);74 
instead we see very similar M···C distances (both in magnitude and in distribution: Zn···C = 
2.901, 2.917, 2.943, and 2.970 Å).34  We thus conclude that the iron-methyl contacts do not 
contribute to the observed bending in Fe(tmp)2. 
We next consider whether interligand methyl-methyl interactions can account for the 
bending and for the staggered ligand geometry.  The tmp ligand occupies considerable space 
around the metal center, and the chair conformation of the six-membered ring generates two 
axial and two equatorial methyl groups, the latter projecting towards the nitrogen atom (and thus 
towards the metal and the equatorial methyl groups on the other ligand).  C2h and C2v test 
structures were constructed in Jmol from the actual C2 Fe(tmp)2 and Zn(tmp)2 structures by 
rotation about one M-N bond.117 By using a Lennard-Jones potential to model the interligand 
interactions and using the ε and σ parameters characteristic of methyl-methyl repulsions in 
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hydrocarbons, we obtain repulsive energies of 5.5-10.1 and 2.8-7.0 kcal/mol for the C2v and C2h 
structures, respectively, but an attractive energy of -0.66 kcal/mol for the observed C2 structure.  
Thus, the preferred geometry for 2 is staggered for steric reasons.  This conclusion must apply to 
all M(tmp)2 compounds (although the exact values will vary somewhat with metal radius), and is 
consistent with the 73.9° and 74.4° dihedral angles in Zn(tmp)234 and Cd(tmp)2,35 respectively.  
The energetics of bending the N-M-N angle are less easily modeled, but the methyl-methyl 
distances in the observed structure (4.139 to 4.818 Å) suggest that, given staggered tmp ligands, 
considerable bending must occur before steric interactions between ligands becomes significant.   
It may be the case that the modest bending of the N-M-N angle in Fe(tmp)2 is due to 
intermolecular (packing) forces in the solid state.  The structures of d10 Zn(tmp)2 and Cd(tmp)2 
are consistent with this conclusion; these compounds have N-M-N angles of 179.4° and 175.7°, 
respectively.34,35  All three compounds crystallize in the P21/n space group, with similar cell 
parameters, so the small changes in N-M-N angle are not enforced by an ensemble-scale change 
in the packing.  Although inspection of the packing diagrams shows different closest 
intermolecular contacts for the three compounds, no clear picture emerges as to why each 
compound adopts exactly the bond angle it does.  The largest energetic penalty for a single 
contact, modeled with a Lennard-Jones potential, is 0.5 kcal/mol (i.e., 2× the bending cost in 2). 
 
4.5 Concluding remarks 
 We have described the synthesis of five new dialkylamido compounds of open-shell late 
first-row transition metals.  Crystallographically characterized compounds 4 and 5 are examples 
of heteroleptic dinuclear compounds with three-coordinate transition metal centers.  The 
structures of 1-3 are similar in mineral oil solution, and 2 is confirmed to be two-coordinate in 
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the solid state by X-ray crystallography, with a N-Fe-N angle of 173°.  The cost of distorting 2 is 
small as judged by the AOM, and the compound adopts a staggered geometry in order to 
minimize steric interactions between the ligands; some details of the observed structure may also 
be dictated by intermolecular (packing) forces.  The compounds 1-3 sublime intact at modest 
temperatures (slightly lower than their M[N(t-Bu)2]2 analogues), and thus represent potential 
CVD precursors based on a commercially available ligand. 
 Investigating the magnetic properties of Fe(tmp)2, 2, shows that small changes in the 
geometry compared with Fe[N(t-Bu)2]2 give rise to a larger orbital magnetism, despite the 
slightly bent 173° N-Fe-N angle.  This is consistent with AOM calculations, which suggest that 
whether the dxy and dx2-y2 orbitals are split by Fe···H-C interactions or by δ-bonding, the splitting 
should be smaller for Fe(tmp)2 than Fe[N(t-Bu)2]2 owing to the small (7°) decrease in the 
dihedral angle between the ligand planes.  The splitting is also decreased by the contracted C-N-
C angle of the ligand, which will weaken whichever of the interactions gives rise to the splitting 
by increasing the interaction distance.  A smaller energy gap should give rise to greater orbital 
magnetism, as observed.    
 The Mössbauer spectrum of 2 displays a fully resolved hyperfine splitting in zero field at 
4.2 K, and a very large internal hyperfine field HINT ≈ 136 T.  This is the second-largest field 
reported to date for any iron compound, and corresponds to an orbital field HL of ≈ 187 T.  The 
orbital field exceeds that of Fe[N(t-Bu)2]2 by ca. 30 T, also consistent with the smaller energy 
gap predicted by the AOM.  This result suggests that local symmetry descriptions do not 
sufficiently explain the origins of orbital angular momentum, which can instead be explained 
with reference to the energy gap between the two nearly degenerate d-orbitals (or two nearly 
degenerate electronic states). 
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4.7 Tables and figures 
Table 4.1  Crystallographic data for compounds 2, 4, and 5.   
  2 4 5 
formula  FeC18H36N2 Fe2C29H59ON3 LiCoBrC22H46O2N2 
formula wt  336.34 577.49 516.39 
T (K)  193(2) 173(2) 173(2) 
λ (Å)  0.71073 0.71073 0.71073 
cryst syst  monoclinic monoclinic monoclinic 
space gp  P21/n P21/n Pn 
a (Å)  11.6547(14) 11.3956(8) 8.0915(7) 
b (Å)  11.7157(15) 9.8747(7) 15.0629(12) 
c (Å)  15.665(2) 28.3852(19) 11.0635(10) 
β (°)  111.457(1) 98.458(3) 93.434(6) 
V (Å
3
)  1990.8(4) 3159.4(4) 1346.0(2) 
Z, ρcalc (g cm
-3
)  4, 1.122 4, 1.214 2, 1.274 
μ (mm-1)  0.755 0.942 2.139 
F(000)  736 1256 546 
cryst size (mm)  0.166×0.208×0.337 0.315×0.320×0.413 0.060×0.138×0.346 
θ range (°)  1.89 – 25.68 1.45 – 27.14 2.29 – 25.40 
R(int)  0.0752 0.0800 0.0704 
abs corr  face-indexed face-indexed empirical (SADABS)
max, min transm factors   0.920, 0.837 0.825, 0.768 0.922, 0.572 
data / restrnts / params  3767 / 14 / 353 6993 / 3 / 552 4817 / 2 / 272 
GOF on F
2
 0.960 0.986 0.992 
R1 [I>2σ(I)]  0.0275 0.0294 0.0402 
wR2 (all data)  0.0738 0.0789 0.0689 
max., min. Δρelect (e.A
-3
)  0.246, -0.278 0.351, -0.322 0.311, -0.273 
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Table 4.2   Selected average bond distances and angles for the crystallographically 
characterized compounds 2, 4, and 5. 
 
Compound d(M-N), Å θ(N-M-N),  θ(C-N-C),  θ(dihedral),  
Fe(tmp)2, 2 1.869(1) 173.23(5) 121.3(5)* 73.3(2) 
Compound Terminal d(M-N), Å 
Bridging 
d(M-N), Å 
Terminal   
θ(C-N-C),  
Bridging   
θ(C-N-C),  
Fe2(OEt)(tmp)3, 4 1.907(2) 2.108(2) 117.6(2) 114.7(2) 
[Li(dme)][CoBr(tmp)2], 5 1.870(3) 1.980(3) 116.8(3) 115.2(3) 
* average value in major component 
 
 
 
Table 4.3   Selected bond lengths (Å) for Fe(tmp)2, 2. 
Fe-N(1)   1.8689(12) C(2)-C(3) 1.514(3) C(10A)-C(17A) 1.531(6) 
Fe-N(2) 1.8687(12) C(3)-C(4) 1.520(3) C(10A)-C(18A) 1.541(8) 
N(1)-C(1) 1.4751(18) C(4)-C(5) 1.531(2) C(6B)-C(15B) 1.525(16) 
N(1)-C(5) 1.4756(18) C(5)-C(13) 1.538(2) C(6B)-C(16B) 1.536(10) 
N(2)-C(6A) 1.469(3) C(5)-C(14) 1.529(2) C(6B)-C(7B) 1.53(2) 
N(2)-C(6B) 1.466(5) C(6A)-C(15A) 1.517(8) C(7B)-C(8B) 1.537(14) 
N(2)-C(10A) 1.488(3) C(6A)-C(16A) 1.549(7) C(8B)-C(9B) 1.544(17) 
N(2)-C(10B) 1.471(5) C(6A)-C(7A) 1.549(7) C(9B)-C(10B) 1.521(10) 
C(1)-C(11) 1.524(3) C(7A)-C(8A) 1.511(8) C(10B)-C(17B) 1.521(10) 
C(1)-C(12) 1.533(2) C(8A)-C(9A) 1.518(6) C(10B)-C(18B) 1.523(19) 
C(1)-C(2) 1.536(2) C(9A)-C(10A) 1.545(7)   
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Table 4.4   Selected bond angles (°) for Fe(tmp)2, 2. 
 
N(1)-Fe-N(2) 173.23(5) Fe-N(2)-C(10A) 118.3(4) 
C(1)-N(1)-C(5) 119.57(11) Fe-N(2)-C(10B) 123.5(1.0) 
C(6A)-N(2)-C(10A) 122.9(5) N(1)-C(1)-C(2) 110.94(13) 
C(6B)-N(2)-C(10B) 110.5(1.2) N(1)-C(1)-C(11) 106.33(14) 
Fe-N(1)-C(1) 120.17(9) N(1)-C(1)-C(12) 112.97(13) 
Fe-N(1)-C(5) 119.59(9) C(11)-C(1)-C(12) 107.78(16) 
Fe-N(2)-C(6A) 118.4(3) C(11)-C(1)-C(2) 108.23(14) 
Fe-N(2)-C(6B) 125.4(7) C(12)-C(1)-C(2) 110.36(15) 
 
 
Table 4.5   Selected bond lengths (Å) for [Fe2(μ-OEt)(tmp)2(μ-tmp)], 4. 
 
Fe(1)-N(1)   1.9033(13) C(28)-C(29) 1.511(2) C(12)-C(13) 1.515(3) 
Fe(1)-N(2) 2.0934(13) C(1)-C(6) 1.536(3) C(13)-C(14) 1.538(2) 
Fe(1)-O(1) 1.9563(12) C(1)-C(7) 1.536(3) C(14)-C(17) 1.536(3) 
Fe(2)-N(2) 2.1225(13) C(1)-C(2) 1.538(3) C(14)-C(18) 1.544(3) 
Fe(2)-N(3) 1.9099(13) C(2)-C(3) 1.511(3) C(19)-C(24) 1.523(3) 
Fe(2)-O(1) 1.9633(12) C(3)-C(4) 1.511(3) C(19)-C(25) 1.538(3) 
N(1)-C(1) 1.478(2) C(4)-C(5) 1.529(2) C(19)-C(20) 1.537(2) 
N(1)-C(5) 1.482(2) C(5)-C(8) 1.542(3) C(20)-C(21) 1.521(3) 
N(2)-C(10) 1.493(2) C(5)-C(9) 1.531(3) C(21)-C(22) 1.512(3) 
N(2)-C(14) 1.492(2) C(10)-C(15) 1.555(3) C(22)-C(23) 1.535(3) 
N(3)-C(19) 1.480(2) C(10)-C(16) 1.518(3) C(23)-C(26) 1.542(3) 
N(3)-C(23) 1.485(2) C(10)-C(11) 1.542(3) C(23)-C(27) 1.528(3) 
O(1)-C(28) 1.420(2) C(11)-C(12) 1.533(3) Fe(1)···Fe(2) 2.8127(3) 
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Table 4.6   Selected bond angles (°) for [Fe2(μ-OEt)(tmp)2(μ-tmp)], 4. 
N(1)-Fe(1)-N(2) 143.98(5) Fe(1)-N(2)-Fe(2) 83.69(5) 
N(3)-Fe(2)-N(2) 145.11(5) Fe(1)-O(1)-Fe(2) 91.71(5) 
N(1)-Fe(1)-O(1) 125.43(5) C(1)-N(1)-C(5) 117.75(13) 
N(3)-Fe(2)-O(1) 125.56(5) C(10)-N(2)-C(14) 114.67(13) 
N(2)-Fe(1)-O(1) 90.05(5) C(19)-N(2)-C(23) 117.42(13) 
N(2)-Fe(2)-O(1) 89.02(5)   
 
 
Table 4.7   Selected bond lengths (Å) for [Li(dme)][CoBr(tmp)2], 5. 
Co(1)-N(1)   1.870(3) C(1)-C(6) 1.519(6) C(11)-C(12) 1.525(6) 
Co(1)-N(2) 1.980(3) C(1)-C(7) 1.532(6) C(12)-C(13) 1.518(6) 
Co(1)-Br(1) 2.504(1) C(1)-C(2) 1.551(6) C(13)-C(14) 1.545(6) 
Li(1)-N(2) 2.135(8) C(2)-C(3) 1.508(7) C(14)-C(17) 1.540(6) 
Li(1)-Br(1) 2.509(7) C(3)-C(4) 1.511(8) C(14)-C(18) 1.527(6) 
Li(1)-O(1) 2.029(8) C(4)-C(5) 1.533(6) O(1)-C(21) 1.425(5) 
Li(1)-O(2) 2.082(8) C(5)-C(8) 1.545(6) O(1)-C(19) 1.427(5) 
N(1)-C(1) 1.475(6) C(5)-C(9) 1.523(7) C(19)-C(20) 1.506(6) 
N(1)-C(5) 1.486(5) C(10)-C(15) 1.531(6) O(2)-C(20) 1.412(5) 
N(2)-C(10) 1.499(5) C(10)-C(16) 1.540(6) O(2)-C(22) 1.437(6) 
N(2)-C(14) 1.496(5) C(10)-C(11) 1.524(6)   
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Table 4.8   Selected bond angles (°) for [Li(dme)][CoBr(tmp)2], 5. 
N(1)-Co(1)-N(2) 144.19(14) O(1)-Li(1)-N(2) 124.7(4) 
N(1)-Co(1)-Br(1) 114.60(11) O(2)-Li(1)-N(2) 137.4(4) 
N(2)-Co(1)-Br(1) 101.20(9) O(1)-Li(1)-Br(1) 111.3(3) 
Co(1)-Br(1)-Li(1) 71.41(16) O(2)-Li(1)-Br(1) 104.0(3) 
Co(1)-N(2)-Li(1) 90.6(2) C(1)-N(1)-C(5) 116.8(3) 
N(2)-Li(1)-Br(1) 96.8(3) C(10)-N(2)-C(14) 115.2(3) 
O(1)-Li(1)-O(2) 81.3(3)   
 
 
 
 
Table 4.9 Some relevant metrics of two-coordinate iron(II) compounds characterized 
magnetically and by zero- and applied-field Mössbauer effect spectroscopy. 
Compound θ(N-M-N),  Local Total HL, T  μeff, μB  ΔEcalc,3 cm-1
Fe[C(SiMe3)3]2118 180 D∞h D3d 20310 6.810 92 
Fe(tmp)2† 173.23(5) C2v C2 187 5.91 - 
Fe[N(H)AriPr6]211 180 D∞h C2h 170 7.0-7.8, 5.24 381 
Fe[N(t-Bu)2]213 179.45(8) D∞h D2 155 5.55 766 
Fe[N(SiPh2Me)2]2100 169.0(1) C2v C1 138102 5.07 - 
Fe[N(H)ArMe6]211 140.9(2) C2v C2 116 5.2-5.8, 4.84 1246 
†: this work. 
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Figure 4.1 Low-energy region of IR spectra of 1-3 as solutions in mineral oil on KBr plates. 
Figure 4.2  Molecular structure of Fe(tmp)2, 2. The 35 % probability density surfaces are 
shown, and hydrogen atoms are omitted for clarity.  Only the major disorder 
component is shown.  Both rings adopt chair conformations, although this view is 
perpendicular to the ring of the N2 ligand and masks this fact somewhat.  
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Figure 4.3  Alternative view of the molecular structure of Fe(tmp)2, 2, rotated 90° to look 
along the N-Fe-N axis.  The 35 % probability density surfaces are shown, and 
hydrogen atoms are omitted for clarity.  Only the major disorder component is 
shown. 
 
Figure 4.4  The two components of the disordered amide of Fe(tmp)2, 2, looking along the N-
Fe-N axis  Filled bonds indicate the major component (ca. 75 %), and open bonds 
indicate the minor component.  The two components are related by a chair-flip or 
a 170° rotation about the Fe-N bond.  The 35 % probability density surfaces are 
shown, and hydrogen atoms and the non-disordered amide are omitted for clarity. 
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Figure 4.5 Most likely (i.e., interaction-minimizing major or minor components of the 
disordered amide) nearest neighbors for Fe(tmp)2, 2.  Open, dashed bonds indicate 
intermolecular C···C distances shorter than 3.9 Å.  The 30 % probability density 
surfaces are shown, and hydrogen atoms are omitted for clarity.  C(2)-C(2C), 
3.564 Å; C(2)-C(3C) and C(3)-C(3C), 3.839 Å; other three distances, 3.812 Å. 
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Figure 4.6 Molecular structure of [Fe2(μ-OEt)(tmp)2(μ-tmp)], 4. The 35 % probability 
density surfaces are shown, and hydrogen atoms are omitted for clarity.  Fe(1)-
N(1), 1.9033(13) Å; Fe(2)-N(3), 1.9099(13) Å; Fe(1)-N(2), 2.0934(13) Å; Fe(2)-
N(2), 2.1225(13) Å; Fe(1)-O(1), 1.9563(12) Å; Fe(2)-O(1), 1.9633(12) Å.  N(1)-
Fe(1)-N(2), 143.98(5)°; N(3)-Fe(2)-N(2), 145.11(5)°; N(1)-Fe(1)-O(1), 
125.43(5)°; N(3)-Fe(2)-O(1), 125.56(5)°; N(2)-Fe(1)-O(1), 90.05(5)°; N(2)-Fe(2)-
O(1), 89.02(5)°; Fe(1)-N(2)-Fe(2), 83.69(5)°; Fe(1)-O(1)-Fe(2), 91.71(5)°. 
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Figure 4.7 Alternative view of the molecular structure of [Fe2(μ-OEt)(tmp)2(μ-tmp)], 4. The 
30 % probability density surfaces are shown, and hydrogen atoms are omitted for 
clarity. 
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Figure 4.8 Molecular structure of [Li(dme)][CoBr(tmp)2], 5. The 35 % probability density 
surfaces are shown, and hydrogen atoms are omitted for clarity.  Co(1)-N(1), 
1.870(3) Å; Co(1)-N(2), 1.980(3) Å; Co(1)-Br(1), 2.5044(7) Å; Li(1)-Br(1), 
2.509(7) Å; Li(1)-N(2), 2.135(8) Å; Li(1)-O(1), 2.029(8) Å; Li(1)-O(2), 2.082(8) 
Å. 
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Figure 4.9 Alternative view of the molecular structure of [Li(dme)][CoBr(tmp)2], 5, 
perpendicular to the CoNBrLi plane. The 35 % probability density surfaces are 
shown, and hydrogen atoms are omitted for clarity.   
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Figure 4.10 AC magnetic susceptibility of powdered 2, sample 1, at 2.5 Oe and 500 Hz.  The 
scatter above ca. 100 K is an expected result of the very weak applied field. 
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Figure 4.11 DC magnetic susceptibility of powdered 2, sample 1, at field strengths of 100, 
1000, and 5000 Oe.  The sample was cooled in zero field.   
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Figure 4.12 DC magnetic susceptibility of powdered 2, sample 2, at fields of 50, 25000, and 
50000 Oe. The sample was cooled in zero field (50 Oe) or in 5 T (25 and 50 kOe). 
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Figure 4.13 Isothermal magnetization at 2 K for powdered 2.  Sample 1 was cooled in zero 
field, and sample 2 was cooled in 5 T.  MSAT for h.s. FeII = 22340 emu/mol.13 
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Figure 4.14 Zero-field Mössbauer spectrum of powdered 2, sample 1, at room temperature.  
The relatively weak resonant absorption likely results from 2 being a molecular 
compound with some conformational flexibility.   
 
Figure 4.15 Zero-field Mössbauer spectrum of powdered 2, sample 1, at 77 K.  Fits to this 
spectrum (not shown) yield δ = 0.56 mm/s and ΔEQ = 1.47 mm/s. 
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Figure 4.16 Zero-field Mössbauer spectrum of powdered 2, sample 2, as a Krytox mull at 4.2 
K.  The spectrum contains two components, a quadrupole doublet similar to the 
77 K spectrum (center two lines), and a magnetic hyperfine sextet spanning ca. 42 
mm/s.  In gray is shown a simulation of the central quadrupole doublet (actually 
consisting of two nested quadrupole doublets—see Figure 4.17).  In red is shown 
a simulation of the magnetic sextet obtained using an S' = ½ effective spin 
Hamiltonian, describing a nearly uniaxial MS' = ±½ doublet with effective g-
values geff x,y,z = 0.1, 0.1, 12.  The simulated spectrum has values  = 0.58 mm/s, 
ΔEQ = -1.75 mm/s, linewidth  = 0.84 mm/s, and a hyperfine coupling constant 
Az = 270.6 T.  The internal hyperfine field is HINT = 135.6(7) T, corresponding to 
an orbital field HL ≈ 187 T.   
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Figure 4.17 Expanded Mössbauer scan of powdered 2, sample 2, as a Krytox mull at 4.2 K 
and 0 T; the lines near -2 and 5 mm/s correspond to the innermost doublet of the 
magnetic sextet (see Figure 4.16). The central quasi-doublet can be simulated 
using two nested doublets with: (red, inner)  = 0.58 mm/s, ΔEQ = 1.28 mm/s, 
and linewidth  = 0.3 mm/s; and (blue, outer)  = 0.61 mm/s, ΔEQ = 1.64 mm/s, 
and linewidth  = 0.3 mm/s (the smooth gray line is the sum of these two 
components).  Together these two doublets account for ~ 14 % of the recoil-free 
iron present in the sample.  The average of these two doublets is  = 0.59 mm/s 
and ΔEQ = 1.46 mm/s, similar to the doublet in the 77 K spectrum (Figure 4.15).  
(The fit in which the doublets alternate requires two species with (a)  = 0.47 
mm/s and ΔEQ = 1.3 mm/s, and (b)  = 0.72 mm/s and ΔEQ = 1.4 mm/s; although 
each δ value is reasonable for a two-coordinate compound, it is unlikely that this 
sample contains two species with similar quadrupole splittings and very different 
isomer shifts that are both different from the isomer shift of 2 measured at other 
temperatures.) 
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Figure 4.18 Applied-field Mössbauer spectra of powdered 2, sample 2, as a Krytox mull at 4.2 
K, 8 T (top) and 40 K, 8 T (bottom).  Slow relaxation of the quadrupole doublet of 
the 0 T spectrum has been induced, but is not complete even at 8 T.  The red 
curves are simulations obtained using the parameters described in Figure 4.16. 
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Figure 4.19 Mössbauer spectra of powdered 2, sample 3, recorded at 4.2 K in applied fields of 
0, 4, 6, and 8 T.  The solid gray lines are simulations obtained from the sum of 
two components with equal intensities, shown in blue and red above the 
experimental traces. These simulations were obtained using an S' = ½ effective 
spin Hamiltonian describing a nearly uniaxial doublet characterized by geff, x,y,z = 
0.1, 0.1, 12; the resulting parameters are: (blue, inner)  = 0.61 mm/s, ΔEQ = -
1.71 mm/s,  = 0.4 mm/s, and Az = 269.0 T; and (red, outer)  = 0.55 mm/s, ΔEQ 
= -1.82 mm/s,  = 0.6 mm/s, and Az = 276.8 T.  Vertical orange lines mark the 
positions of lines 1 and 6 in the zero-field spectrum.  The increasing span of the 
spectrum implies that HINT is positive (and therefore dominated by HL). 
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Figure 4.20  Correlation of the orbital field, HL, measured by Mössbauer spectroscopy with the 
splitting of the δ-symmetry d-orbitals computed by ab initio methods.  (See Table 
4.9 for exact values and references.) 
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Figure 4.21 AOM-computed electronic structures of two-coordinate M(NR2)2 compounds, 
with (a) eclipsed ligands (φdihedral = 0°), (b) staggered ligands (φdihedral = 90°), and 
(c) the observed structure of Fe(tmp)2 (θNMN = 173°, φdihedral = 73°).     
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Figure 4.22  AOM-computed electronic structures of three-coordinate M(NR2)3 compounds, 
with (a) φdihedral = 90°, (b) φdihedral = 60°, and (c) φdihedral = 0°. 
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Figure 4.23  Comparison of AOM-computed d-orbital splittings for (a) idealized M(NR2)3 
(φdihedral = 60°) and (b) compounds 4 and 5 (qualitative electronic structures only; 
the three metal centers in 4 and 5 are unlikely to have exactly the same orbital 
energies). 
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Figure 4.24  Variation of AOM-computed state energies with the N-M-N angle for Fe(tmp)2 at 
a dihedral angle of 73°.  The orbital in parentheses is the one containing the sixth 
d-electron.  The z-axis is maintained as the N-M-N axis of the linear compound.  
Values used are (cm-1): eσ = 4217, eπx = 4823, eπy = 2436, eδx = 408, and eδy = 0. 
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Figure 4.25  Variation of AOM-computed state energies with the dihedral angle between the 
ligand NR2 planes for Fe(tmp)2 at an N-M-N angle of 173°.  The orbital in 
parentheses is the one containing the sixth d-electron.  The z-axis is maintained as 
the N-M-N axis of the linear compound.  The parameter values used are (cm-1): eσ 
= 4217, eπx = 4823, eπy = 2436, eδx = 408, and eδy = 0. 
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CHAPTER 5 
DEALKYLATION OF 2,2,6,6-TETRAMETHYLPIPERIDIDE AT EARLY TRANSITION 
METAL CENTERS 
 
5.1 Contributions  
 The work presented below continues the research program of Prof. G. S. Girolami 
exploring the early transition metal chemistry of bulky dialkylamido ligands.  G. R. Potratz 
initiated this work with the synthesis of Cr[N(t-Bu)2]3.1  Dr. C. W. Spicer prepared and 
characterized two compounds, Ti2Cl6[N(t-Bu)2]2 and Ti2Cl2[N(t-Bu)]2[N(t-Bu)2]2; the latter 
results from the first example of the fascinating dealkylation chemistry described in this 
chapter.2,3  I gratefully acknowledge that Dr. A. C. Dunbar prepared the VCl3(thf)3 and Dr. J. L. 
Steele prepared the CrCl3(thf)3 and TiCl3(thf)3 starting materials used in the studies below.   
 
5.2 Introduction 
 Three-coordinate, open-shell (d1-d9) transition metal compounds exhibit interesting 
structures and unusual reaction chemistries.4-7  A coordination number of three was the lowest 
known for any open-shell compound until the isolation of Mn[C(SiMe3)3]2,8 and remains even 
today the lowest known coordination number for open-shell compounds of Ti, Cu, and all second 
or third row transition metals.9,10, *  Perhaps the most impressive reaction of such compounds is 
the six-electron reduction of dinitrogen to a nitrido ligand by three-coordinate, d3 molybdenum, 
vanadium, or niobium amido compounds;14-21 a few aryl or transient aryloxo compounds have 
displayed similar reactions.22,23   
                                                 
* No open-shell three-coordinate compounds of zirconium or hafnium are known, likely owing to the small number 
of open-shell compounds of these metals.  Good evidence exists for transient open-shell three-coordinate 
compounds of niobium,11 technetium,12 and ruthenium,7,13 although none have been structurally characterized.   
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 Because the stability and reactivity of transition metal compounds depend intimately on 
both the steric demand of the ligands and the electronic structure of the metal center,20,24 there is 
motivation to prepare new compounds with novel ligand sets.  Furthermore, these two properties 
are often entangled; it is not uncommon for the steric demand of the ligands to alter the 
coordination geometry and consequently the electronic structure (e.g., by redistributing the π-
bonding across different d-orbitals owing to rotation about a metal-ligand bond; see also Chapter 
4).  The di(tert-butyl)amido and 2,2,6,6-tetramethylpiperidido (tmp) ligands, which have 
electronic properties characteristic of dialkylamides and steric profiles exceeding those of 
bis(trimethylsilyl)amide, present a fundamentally interesting pair of ligands to study.  Because 
these di(tertiary alkyl)amido ligands lack β-hydrogen atoms, the C-H activation pathways 
common among early transition metal amido compounds should not be available.11,25-30 
 The first open-shell, three-coordinate di(tertiary alkyl)amido compounds reported were 
Cr(tmp)3, prepared by Gambarotta,31 and Cr[N(t-Bu)2]3, prepared by our group.1  The lanthanide 
compounds Ce(tmp)332 and (thf)Ce(tmp)3 have f1 electron counts and are thus also open-shell;33 
the related Y(tmp)333 is a closed-shell compound.     
 Efforts to prepare TiCl[N(t-Bu)2]3, a potential precursor to the three-coordinate Ti[N(t-
Bu)2]3, gave an unexpected result.  Whereas one equivalent of Li[N(t-Bu)2] reacted with TiCl4 to 
afford the dinuclear chloride-bridged compound Ti2Cl6[N(t-Bu)2]2,2,3 adding multiple equivalents 
afforded the imido-bridged compound Ti2[μ-N(t-Bu)]2Cl2[N(t-Bu)2]2.2  The bridging tert-
butylimide ligand arises from dealkylation of di(tert-butyl)amide, and 1H NMR studies showed 
that the formation of each imide group is accompanied by the release of one equivalent of 
isobutene (2 tert-butylimide : 1.95 isobutene).2   
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 The dealkylation of tertiary alkoxide, thiolate, or amide ligands has some precedent.  As 
discussed elsewhere,2 transition metal tert-butyloxide and tert-amyloxide compounds commonly 
decompose via elimination of olefin and alcohol.34-37  Compounds of the tritox ligand (tritox = 
tri(tert-butyl)methoxide), especially of group 5, readily generate metal oxide with loss of the 
tri(tert-butyl)methyl carbocation.38,39  The relatively weak S-C bonds of metal tert-butylthiolate 
or triphenylmethylthiolate compounds are often cleaved readily.40-44  Thermolysis of the amido 
compounds EMo(NRR')3 (E = O, S, Se, Te; R = C(CD3)2CH3, R' = 3,5-dimethylphenyl) forms 
the imido compounds EMo(NRR')2(NR').45,46  For dialkylamides with primary and secondary 
alkyl substituents, dealkylation reactions are common decomposition pathways.30,47-51 
The mechanisms of dealkylation vary somewhat with the bond broken.  Decomposition 
of tert-butoxide compounds is proposed to begin either by elimination of isobutene or by 
protonolysis to eliminate alcohol, which can then be dehydrated over metal oxide surfaces.34-37 A 
less common O-C bond heterolysis reaction has been proposed to explain the dealkylation of the 
tritox ligand.38,39  Although tert-butylthiolate decomposition can be initiated by deprotonation or 
S-C bond heterolysis,41,42 the weak S-C bond often gives rise to bond homolysis.42-44  Homolytic 
cleavage of C-N bonds is rare, but ejection of a d6-tert-butyl radical accompanies formation of 
EMo(NRR')2(NR').45,46 A similar C-N bond homolysis reaction is proposed for the synthesis of 
[Nb(μ-NR')(NRR')2]2 (R = t-Bu, R' = 3,5-dimethylphenyl).11  Dialkylamides with β-hydrogen 
atoms usually decompose by β-H deprotonation followed by elimination of olefin.30,48 
Girolami and Spicer proposed that the dealkylation reaction which generates Ti2[μ-N(t-
Bu)]2Cl2[N(t-Bu)2]2 occurs by γ-deprotonation of a coordinated di(tert-butyl)amide followed by 
elimination of isobutene to form the imide. The absence of hexamethylethane makes unlikely an 
N-C bond homolysis mechanism.45 Whether dealkylation occurred after addition of the second or 
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third equivalent of Li[N(t-Bu)2], however, could not be determined from the available evidence.  
It is well known that coordinated bis(trimethylsilyl)amide can undergo γ-deprotonation,52-54 but 
these C-H bonds are relatively weak and the product is typically a silylazametallacyclobutane. 
γ-Deprotonation of a di(tertiary alkyl)amide has been reported only once, in an aluminum 
system.55  In that study, treatment of (iBu)2Al(tmp) with K(tmp) in hexane in the presence of 
tmeda resulted in deprotonation of the coordinated tmp ligand to generate an isolable and 
structurally characterized azametallacyclobutane.55  This result provides evidence that the tmp 
methyl protons can be made acidic enough (here by coordination to an electropositive aluminum 
center) to be deprotonated by another equivalent of tmp.  Very recently, ring opening of tmp has 
been reported, although the mechanism remains unclear.56 
Azametallacyclobutanes of the early transition elements exist in equilibrium with metal 
imido complexes and olefin generated by retro-[2+2] cycloaddition.57  Thus, if an alkylamido 
group coordinated to an early transition metal undergoes γ-deprotonation, it might not be 
possible to observe the resulting azametallacyclobutane.  Instead, the products may be an imide 
and an olefin, as observed in our studies of the reaction of di(tert-butyl)amide with TiCl4.2  The 
carbanion generated by deprotonation could also react by means of a concerted rearrangement to 
form olefin and imide, rather than proceeding through a metallacyclic intermediate.   
 We thought it of interest to explore whether dealkylation chemistry also occurs for other 
bulky di(tertiary alkyl)amides such as 2,2,6,6-tetramethylpiperidide.  We report that it does, and 
in fact this dealkylation chemistry is seen for all of the elements of groups 4-6 that we 
investigated, except chromium.  Additional mechanistic studies support a deprotonation 
mechanism (as opposed to a radical mechanism) and allow us to suggest that the deprotonation 
occurs primarily after the third amide is added. 
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5.3 Experimental details 
All operations were carried out in vacuum or under argon with standard Schlenk and 
glovebox techniques.  Solvents were dried over sodium-benzophenone ketyl and distilled 
immediately before use.  TiCl4(thf)2 (thf = tetrahydrofuran),58 TiCl3(thf)3,59 VCl3(thf)3,58 
CrCl3(thf)3,60 and MoCl3(thf)361 were prepared by literature procedures.  NbCl3(dme) (dme = 1,2-
dimethoxyethane) and n-butyllithium in hexane were purchased from Aldrich and used as 
received.  Ti(OEt)4 (VERTEC® ET, 99+%) was purchased from Alfa Aesar and used as 
received.  2,2,6,6-Tetramethylpiperidine was purchased from Matrix Solutions, dried over 
sodium, and distilled before use.  Lithium 2,2,6,6-tetramethylpiperidide, Li(tmp),62 and 
bis(2,2,6,6-tetramethylpiperidido)magnesium(II), Mg(tmp)2,63 were prepared by literature 
procedures. 
Elemental analyses were performed by the School of Chemical Sciences Microanalysis 
Laboratory at the University of Illinois.  Infrared spectra were collected using a Perkin Elmer 
Spectrum One FTIR spectrometer as Nujol mulls between KBr or NaCl plates, and analyzed 
with Spekwin32.64  The 1H NMR data were recorded on a Varian Unity Inova 400 spectrometer 
at 9.4 T or a Varian VXR-500 spectrometer with Unity Inova 500 console at 11.7 T.  Chemical 
shifts are reported in δ units (positive shifts to higher frequency) relative to TMS.  Melting points 
were measured in duplicate under argon in closed capillaries with a Thomas-Hoover Unimelt 
apparatus.  
5.3.1 Trichloro(2,2,6,6-tetramethylpiperidido)titanium(IV), 1.  To a solution of 
H(tmp) (2.0 mL, 12 mmol) in pentane (25 mL) was added TiCl4 (0.65 mL, 5.9 mmol) with 
stirring.  A small amount of mist formed, and the solution darkened.  After the addition was 
complete, the solution was orange, and a mixture of dark and yellow solids had formed.  After 
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being stirred vigorously for 18 h, the red-orange solution was filtered.  The solid residue was 
washed with pentane (25 mL), and the combined filtrates were evaporated to a red-orange oil 
under vacuum.  After being dried under vacuum for ca. 1.5 h, the oil was extracted with pentane 
(25 mL), and the red-orange solution was filtered.  The filtrate was concentrated to < 5 mL and 
cooled to -20 °C to afford small red crystals of TiCl3(tmp).  Yield: 0.27 g (15 %).  Mp: 67-69 °C.  
Anal. Calcd. for C18H36NCl3Ti: C, 36.7; H, 6.16; N, 4.76.  Found: C, 36.6; H, 5.99; N, 4.53.  1H 
NMR (25 °C, 500 MHz, C6D6): δ 1.83 (s, 2 H), 1.60 (s, 12 H), 1.21 (s, 1 H*), 0.99 (br t, J = 5 
Hz, 1 H*), 0.90 (br t, J = 5.2 Hz, 4 H), 0.81 (br s, 2 H*).  The features marked with a * are an 
unknown impurity.  IR (cm-1): 1301 (m), 1233 (s), 1195 (w), 1159 (s), 1118 (m), 1067 (w), 1057 
(w), 995 (w), 983 (w), 969 (m), 933 (m), 887 (m), 876 (m), 849 (w), 771 (w), 755 (w), 666 (w), 
544 (w). 
5.3.2 Chloro(2,2,6,6-tetramethylpiperidido)(1,1,5-trimethyl-5-hexen-1-imido) 
titanium(IV), 2-Cl.  Method A.  To a mixture of Li(tmp) (0.79 g, 2.4 mmol) and TiCl4(thf)2 
(1.02 g, 6.9 mmol) was added benzene (30 mL) with stirring.  The solution immediately warmed 
and turned very dark orange-red.  After being stirred for 18 h, the dark orange-red solution was 
filtered and the filtrate was evaporated to a dark oil.  After being dried under vacuum for 1.5 h, 
the oil was treated with pentane (20 mL), affording a dark orange solution and light-colored 
precipitates.  The solvent was removed under vacuum, and the dark oil treated again with 
pentane (20 mL).  The solvent was removed under vacuum, and the dark oil extracted with 
pentane (30 mL) and the extract filtered.  The solids were washed with pentane (2 × 15 mL), and 
the combined dark orange filtrates were concentrated to ca. 30 mL.  The concentrated filtrate was 
filtered, further concentrated to < 5 mL, and cooled to -20 °C to afford dark orange-brown 
crystals of Cl(tmp)[CH2=C(Me)CH2CH2CH2C(Me2)N=]Ti.   Yield: 0.02 g (2 %).  Mp: 130-136 
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°C.  Anal. Calcd. for C18H35N2ClTi: C, 59.6; H, 9.72; N, 7.72.  Found: C, 59.7; H, 10.0; N, 7.54.  
1H NMR (25 ºC, 500 MHz, C6D6): δ 4.84 (s, 2 H, olefinic H), 2.22 (td, J = 12.4, 4.9 Hz, ca. 1 H), 
2.12 (td, J = 12.4, 4.6 Hz, ca. 1 H), 2.04 (t, J = 7.4 Hz, 2 H), 1.84 (br s, ca. 10 H), 1.66 (s, 3 H), 
1.61 (s, 3 H), 1.54 (s, 3 H), 1.42 (br s, ca. 7 H), 1.23 (t, 1 H, H(tmp) methylene), 1.06 (s, 1 H, 
H(tmp) methyl).  The entire alkane region integrates to 36 H vs. 2 H for the alkene region.  IR 
(cm-1): 3072 (w), 1649 (m), 1364 (s), 1347 (m), 1293 (m), 1230 (s), 1199 (m), 1164 (s), 1125 (s), 
1079 (w), 1065 (w), 1053 (m), 976 (m), 966 (m), 955 (m), 931 (m), 887 (s), 869 (s), 850 (w), 825 
(w), 777 (m), 742 (w), 655 (s), 603 (m), 583 (w), 534 (m), 499 (m), 455 (w). 
Method B.  To a slurry of Li(tmp) (0.53 g, 3.6 mmol) in pentane (40 mL) was added 
TiCl4 (0.13 mL, 1.2 mmol) with stirring.  The solution immediately turned orange.  The mixture 
was stirred for 14 h, and then the dark orange solution was filtered.  The solid remaining in the 
flask was washed with pentane (25 mL) and the washings were filtered.  The combined filtrates 
were taken to dryness, extracted with pentane (20 mL), and the extract filtered.  The dark orange 
filtrate was concentrated and cooled to -20 °C to afford dark orange 
Cl(tmp)[CH2=C(Me)CH2CH2CH2C(Me2)N=]Ti. Mp: 147-153 °C.  Anal. Calcd. for 
C18H35N2ClTi: C, 59.6; H, 9.72; N, 7.72.  Found: C, 60.3; H, 9.91; N, 7.67.   
5.3.3 Bromo(2,2,6,6-tetramethylpiperidido)(1,1,5-trimethyl-5-hexen-1-imido) 
titanium(IV), 2-Br.  In a glovebox, to TiBr4 (1.01 g, 6.9 mmol) was added Li(tmp) (0.85 g, 2.3 
mmol).  Heat was evolved, the solids darkened, and an orange mist formed.  About 1 h later, on a 
Schlenk line, benzene (30 mL) was added to the mixture with stirring.  The solution quickly 
turned very dark red-orange.  After being stirred for 18 h, the solution was evaporated to a dark 
oil.  After being dried under vacuum for 1.5 h, the oil was treated with pentane (20 mL), and then 
the mixture was re-evaporated to an oil.  This pentane treatment and removal step was repeated, 
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and then the oil was extracted with pentane (30 mL).  The extract was filtered and the dark 
grayish solids were washed with pentane (25 mL).  The combined filtrates were let stand, and 
then filtered again.  The filtrate was concentrated and cooled to -20 °C to afford 
Br(tmp)[CH2=C(Me)CH2CH2CH2C(Me2)N=]Ti as a semi-crystalline red-brown powder.  Mp: 
137-147 °C.  Anal. Calcd. for C18H35N2BrTi: C, 53.1; H, 8.66; N, 6.88.  Found: C, 51.5; H, 8.50; 
N, 6.29.  1H NMR (25 °C, 500 MHz, C6D6): δ 4.83 (br s, 2 H, olefin), 2.04 (br s, 2 H), 1.68 (br 
m, 10 H), 1.47 (br m, 11 H), 1.23 (br s, 5 H, H(tmp) methylene), 1.05 (br s, 10 H, H(tmp) 
methyl).  IR (cm-1): 3072 (w), 1774 (w), 1651 (m), 1364 (s), 1359 (s), 1347 (m), 1332 (w), 1291 
(m), 1231 (s), 1197 (m), 1163 (s), 1132 (s), 1122 (s), 1061 (w), 1052 (w), 1035 (w), 976 (m), 971 
(m), 950 (m), 886 (s), 868 (s), 847 (w), 825 (w), 777 (w), 742 (m), 644 (s), 602 (s), 582 (m), 534 
(w).  
5.3.4 Treatment of Li(tmp) with HfCl4, VCl3(thf)3, NbCl3(dme), NbCl5, CrCl3(thf)3, 
and MoCl3(thf)3.  These reactions were performed to determine what metal centers promote the 
dealkylation of the 2,2,6,6-tetramethylpiperidide group.  Yields are not reported because only 
crude products were isolated; the reaction products were examined by IR spectroscopy to 
determine whether they contained features diagnostic of olefinic C-H stretches near 3072 cm-1 
and olefinic C=C stretches near 1649 cm-1.   
Because of the reaction solvent and processing conditions, these IR spectra invariably 
contain peaks due to silicone grease.  In the paragraphs below, bands in the 1000-1100 cm-1 
region are not reported owing to interference with the PDMS absorptions at ca. 1096 and 1020 
cm-1. 
HfCl4: To a mixture of HfCl4 (0.17 g, 0.53 mmol) and Li(tmp) (0.23 g, 1.5 mmol) was 
added pentane (20 mL) with stirring.  The slurry slowly turned light yellow, and was stirred for 
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three days.  The light yellow solution was filtered and the filtrate was evaporated to a yellow-
brown resin. IR (cm-1): 3074 (w), 1779 (w), 1650 (m), 1362 (s), 1291 (m), 1234 (s), 1202 (m), 
1173 (s), 1128 (m), 975 (m), 945 (w), 925 (w), 888 (s), 864 (m), 770 (w), 756 (w), 738 (m), 650 
(br, m), 615 (m), 585 (m), 559 (m), 517 (m), 494 (w).     
VCl3(thf)3:  To a mixture of VCl3(thf)3 (0.87 g, 2.3 mmol) and Li(tmp) (1.0 g, 6.8 mmol) 
was added benzene (30 mL) with stirring.  The solution turned brown immediately and all solids 
quickly reacted.  The solution was stirred for three days and then was filtered.  The filtrate was 
evaporated to a brown oil.  IR (cm-1): 3073 (w), 1778 (w), 1649 (m), 1355(s), 1289 (m), 1231 (s), 
1199 (s), 1169 (s), 1151 (s), 1129 (s), 960 (m), 887 (s), 759 (w), 740 (m), 659 (m), 621 (w), 564 
(w), 522 (m). 
NbCl3(dme):  To a mixture of NbCl3(dme) (0.67 g, 2.3 mmol) and Li(tmp) (0.99 g, 6.8 
mmol) was added benzene (30 mL) with stirring.  The solution turned brown.  The mixture was 
stirred for 3 days and then the solution filtered and evaporated to a brown resin. IR (cm-1): 3072 
(w), 1649 (w), 1352 (m), 1291 (w), 1232 (m), 1201 (w), 1169 (m), 925 (w), 886 (m), 866 (m), 
739 (w), 701 (w), 661 (w). 
NbCl5:  To a mixture of NbCl5 (0.16 g, 0.59 mmol) and Li(tmp) (0.25 g, 1.7 mmol) was 
added pentane (20 mL) with stirring.  The initially yellow slurry changed color to tan and then 
mauve, pale purple, and brown.  The slurry was stirred for 3 days, and the pale brown solution 
filtered and evaporated to a brown oily resin.  IR (cm-1): 3073 (w, sh), 1649 (w), 1402 (w), 1361 
(s), 1337 (m), 1312 (w), 1297 (w), 1229 (s), 1196 (m), 1176 (m), 909 (m), 873 (s), 845 (s), 666 
(m). 
CrCl3(thf)3: To a mixture of CrCl3(thf)3 (0.85 g, 2.3 mmol) and Li(tmp) (0.99 g, 6.7 
mmol) was added benzene (25 mL) with stirring.  The solution immediately turned dark red-
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brown.  The solution was stirred for 15 h and then taken to dryness.  The olive brown solids were 
treated with pentane (30 mL), and then the solution taken to dryness.  This pentane treatment and 
evaporation step was repeated, and then the olive brown solids were extracted with pentane (25 
mL).  The extract was filtered, and the filtrate was evaporated to an olive brown solid.  The IR 
spectrum (cm-1) matches that of Cr(tmp)3:31 1359 (m), 1339 (w), 1331 (w), 1283 (m), 1230 (s), 
1197 (m), 1165 (s), 1126 (s), 992 (w), 965 (m), 945 (w), 924 (m), 902 (s), 860 (m), 740 (w), 700 
(w), 667 (w), 566 (m), 520 (m).   
MoCl3(thf)3:  To a mixture of MoCl3(thf)3 (0.85 g, 2.0 mmol) and Li(tmp) (0.90 g, 6.1 
mmol) was added benzene (20 mL) with stirring.  The solution, which turned red-brown, was 
stirred for 16 h and then taken to dryness. The resulting solid was treated with pentane (20 mL), 
and then the mixture was evaporated to dryness.  The solids were extracted with pentane (20 
mL), the extract was filtered, and the filtrate was evaporated to a tacky brown resin. IR (cm-1): 
3069 (w), 2120 (w, br), 1649 (w), 1357 (s), 1337 (m), 1289 (m), 1229 (s), 1194 (m), 1167(s), 
1121 (s), 970 (m), 955 (m), 936 (m), 919 (m), 890 (s), 874 (s), 850 (m), 734 (m), 699 (m), 669 
(w), 589 (m), 554 (w), 521 (w), 500 (w), 472 (w). 
5.3.5 Treatment of TiCl4(thf)2 with x Li(tmp),  x = 1 or 2.  To determine whether 
dealkylation of tmp occurs on addition of one or two equivalents of Li(tmp) to TiCl4(thf)2, we 
performed the following reactions.  The ether-soluble reaction products were analyzed by IR and 
1H NMR spectroscopy. 
x = 1:  To a mixture of TiCl4(thf)2 (1.13 g, 3.4 mmol) and Li(tmp) (0.49 g, 3.4 mmol) 
was added benzene (25 mL) with stirring.  The solution turned dark orange immediately.  The 
solution was stirred for 10 days and then was evaporated to a red tar.  This residue was treated 
with pentane (15 mL) and then the mixture was re-evaporated.  The red tar was extracted with 
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pentane (20 mL) and the pale orange solution filtered and discarded.  The red tar was extracted 
with diethyl ether (20 mL), and the red-orange solution was filtered.  The solids in the reaction 
flask were washed with diethyl ether (20 mL) and the washings were filtered.  The combined 
filtrates were taken to dryness to afford orange solids in a red-orange oil.  1H NMR (25 °C, 500 
MHz, C6D6): 4.92 (s), 4.86 (d, J =12.4 Hz), 4.51 (br s), 4.23 (br s), 3.26 (q, J = 6.9 Hz), 3.11 (br 
s), 2.10 (t, J = 6.7 Hz), 1.92 (s), 1.83 (s), 1.81 (br s), 1.68 (s), 1.62 (br s), 1.40 (br s), 1.35 (br s), 
1.30 (d, J = 4.9 Hz), 1.23 (s), 1.10 (t, J = 4.9 Hz), 1.01 (t, J = 5.2 Hz), 0.94 (br s), 0.86 (br s), 
0.75 (br s).  Many of the peaks in the alkane region overlap considerably and the individual 
features cannot be reasonably separated for integration.  The entire alkane region integrates to 
132 H vs. 2 H for the alkene region.  IR (cm-1): 3071 (w), 1648 (w), 1368 (s), 1348 (m), 1334 
(w), 1295 (m), 1229 (s), 1197 (s), 1160 (s), 1120 (s), 974 (m), 943 (m), 930 (m), 893 (s), 867 (s), 
772 (s), 753 (s), 679 (m), 628 (w), 606 (w), 575 (m), 547 (m), 538 (m). 
x = 2:  To a mixture of TiCl4(thf)2 (0.58 g, 1.7 mmol) and Li(tmp) (0.50 g, 3.4 mmol) 
was added benzene (25 mL) with stirring.  The solution turned dark orange immediately.  The 
solution was stirred for 10 days and then was evaporated to a red-orange tar. This residue was 
treated with pentane (15 mL) and then was re-evaporated.  The resulting solids were extracted 
with diethyl ether (20 mL), and the red-orange solution was filtered.  The solids in the reaction 
flask were washed with diethyl ether (20 mL) and the washings were filtered.  The combined 
filtrates were taken to dryness to afford red-orange solids.  1H NMR (25 °C, 500 MHz, C6D6): δ 
4.83 (d, J = 22.6 Hz), 2.05 (br s), 1.89 (s), 1.66 (s), 1.43 (br s), 1.31 (s), 1.19 (s), 1.14 (br s), 1.00 
(br s).  The peaks in the alkane region overlap considerably and the individual features cannot be 
reasonably separated for integration.  The entire alkane region integrates to 104 H vs. 2 H for the 
alkene region.  IR (cm-1): 3070 (w), 1649 (w), 1367 (s), 1348 (m), 1334 (w), 1293 (m), 1227 (s), 
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1198 (m), 1160 (s), 1120 (s), 974 (m), 945 (m), 931 (m), 893 (s), 867 (s), 842 (w), 751 (m), 661 
(w), 628 (w), 575 (m), 553 (w), 538 (m), 523 (m). 
5.3.6 Treatment of VCl3(thf)3 with Mg(tmp)2.  Mg(tmp)2 was used as an alternative 
source of the tmp anion, and the crude reaction mixture was studied by the same protocol as 
above for reactions with Li(tmp).  To a solution of VCl3(thf)3 (1.23 g, 3.3 mmol) in 
tetrahydrofuran (thf, 20 mL) was added Mg(tmp)2 (1.0 M; 10 mL, 10 mmol) with stirring.  The 
solution, which immediately turned brown, was stirred for 18 h, and then filtered.  The filtrate 
was evaporated to a brown oil.  IR (cm-1): 3072 (w), 1648 (w), 1350 (m), 1293 (w), 1234 (m), 
1199 (w), 1168 (m), 1132 (s), 948 (w), 887 (m), 745 (w), 703 (w), 670 (w), 663 (w), 581 (w), 
555 (w), 531 (w), 493 (w), 456 (w).  This product appears to be the same as the product of the 
reaction with Li(tmp). 
5.3.7 Treatment of Ti(OEt)4 with Li(tmp).  Ti(OEt)4 was used as an electron-rich 
source of the titanium(IV) cation, and the crude reaction mixture was studied by the same 
protocol as above for reactions with metal halides.  Pure Ti(OEt)4 is a white crystalline solid; 
several commercial sources sell liquid material which is impure, often containing Ti(OiPr)4, 
ethanol, or isopropanol (the reactants and byproducts of the synthesis of Ti(OEt)4).  To a mixture 
of Ti(OEt)4 (0.51 g, 2.2 mmol) and Li(tmp) (0.97 g, 6.6 mmol) was added benzene (25 mL) with 
stirring.  The solution, which turned brown, was stirred for 19 h, and then the solvent was 
removed.  The residue was extracted with pentane (20 mL).  The brown solution was filtered and 
evaporated to a brown oil.  IR (cm-1): 3072 (w), 1649 (m).   
5.3.8 Synthesis of "TiCl(tmp)2(thf)" from Li(tmp) and TiCl3(thf)3.  TiCl3(thf)3 (0.75 
g, 2.0 mmol) was suspended in pentane at 0 °C by stirring.  To Li(tmp) (0.29 g, 2.0 mmol) was 
added pentane (50 mL) with stirring, and the suspension was cooled to 0 °C.  The cooled 
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solution of Li(tmp) was filtered onto the TiCl3(thf)3 slurry, and then the remaining Li(tmp) was 
extracted with pentane (50 mL), cooled to 0 °C, and filtered onto the reaction mixture.  Some 
Li(tmp) remained behind and was discarded.  The reaction solution, which turned green over the 
course of several hours, was stirred for 24 h at 0 °C.  The green solution was filtered and 
concentrated to ca. 1 mL at 0 °C.  Emerald green crystals were collected by cooling to -20 °C.  
Yield: 0.07 g (ca. 8 % based on Ti).  Mp.: 99-101 °C (dec. to brown on melting).  Anal. Calcd. 
for C18H36N2(C4H8O)ClTi: C, 60.6; H, 10.2; N, 6.43.  Found: C, 59.1; H, 10.0; N, 6.37.  (Anal. 
Calcd. for TiCl(tmp)2(thf) co-crystallized with 0.25 LiCl: C, 59.2; H, 9.93; N, 6.27.)  1H NMR 
(25 °C, 400 MHz, C6D6): No signal observed.  IR (cm-1): 3069 (w), 1648 (w), 1362 (s), 1342 (s), 
1331 (w), 1313 (w), 1297 (w), 1291 (m), 1246 (m), 1231 (s), 1198 (s), 1170 (s), 1138 (s), 1126 
(s), 1076 (m), 1052 (m), 1040 (m), 1012 (m), 1012 (s), 993 (s), 967 (s), 946 (m), 921 (m), 894 
(s), 862 (s), 740 (m), 671 (m), 572 (m), 558 (m), 522 (s), 470 (w), 457 (w).   
Treatment of TiCl3(thf)3 with three equivalents of Li(tmp) at room temperature afforded a 
green solution that darkened to brown over ca. 1.5 h.  When this reaction was repeated at -78 °C 
and the mixture was allowed to warm to room temperature, the green solution began changing to 
brown at 13-15 °C.  1H NMR of the brown crude product (25 °C, 400 MHz, C6D6): δ 4.81 (br s, 
2 H), 3.68 (vbr s, 1 H, thf), 1.69 (br s, 6 H), 1.52 (s, 5 H), 1.4 (br s, 5 H, thf), 1.22 (s, 6 H, 
H(tmp) 3,5-methylene), 1.04 (s, 12 H, H(tmp) methyl).  (The resonances between δ 1.69-1.22 
overlap and these integrations are not reliable.  The peak at δ 1.22 overlaps a pentane peak.65)  
 
5.4 Results and discussion 
 5.4.1 Synthesis of [TiCl3(tmp)]2.  Treatment of TiCl4 with two equivalents of H(tmp) in 
pentane affords a dark orange solution, from which small red crystals of the new 2,2,6,6-
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tetramethylpiperidido (tmp) complex [TiCl3(tmp)]2 (1) are obtained at -20 °C.  Compound 1 can 
also be prepared by treatment of TiCl4(thf)2 with one equivalent of Li(tmp), although a 1H NMR 
study shows that this reaction affords some other products (see below). 
 
2 TiCl4 + 4 H(tmp) → [TiCl3(tmp)]2 + 2 [H2(tmp)]Cl 
 
The identity of 1 is confirmed by microanalysis and by 1H NMR and IR spectroscopy.  The 
structure of 1 is expected to be similar to the related chloride-bridge dimer Ti2Cl6[N(t-Bu)2]2, 
prepared similarly and reported recently by our group.2,3  The IR spectrum of 1 (Figure 5.1) 
confirms the absence of an N-H stretch (which in H(tmp) appears at 3318 cm-1).  In the 1H NMR 
spectrum (Figure 5.2), the methyl and methylene protons are shifted downfield from their 
locations in the spectrum of H(tmp).  The four methyl groups of the tmp ligand are equivalent on 
the NMR timescale, which indicates both that the six-membered ring must undergo rapid 
conversion between chair conformations and that rotation about the Ti-N bond must be 
unhindered.   
5.4.2 Dealkylation reactions at titanium(IV).  Treatment of TiCl4 or TiCl4(thf)2 with 3 
equivalents of Li(tmp) affords the new compound Ti2[μ-NC(Me2)CH2CH2CH2C(Me)=CH2]-
Cl2(tmp)2 (Figure 5.3, 2-Cl).   Treatment of TiBr4 with three equivalents of Li(tmp) affords the 
bromo analogue Ti2[μ-NC(Me2)CH2CH2CH2C(Me)=CH2]Br2(tmp)2 (2-Br).   
 
2 TiCl4 + 6 Li(tmp) → Ti2[μ-NC(Me2)CH2CH2CH2C(Me)=CH2]2Cl2(tmp)2 + 2 H(tmp) +  6 LiCl 
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The identification of this compound as an imido bridged dimer was suggested by analogy to a 
recent report from our group of the formation of the red imido bridged dimer Ti2[μ-N(t-
Bu)]2Cl2[N(t-Bu)2]2 upon treatment of TiCl4 with three equivalents of lithium di(tert-
butyl)amide.2  The bridging tert-butylimido groups in this compound arise from a C-N bond 
cleavage reaction that converts two di(tert-butyl)amido groups to di(tert-butyl)amine, isobutene, 
and tert-butylimide,2 although several intimate mechanisms are possible.   
An interesting consequence of the six-membered ring of tmp is that if a similar C-N bond 
cleavage occurs, the olefin byproduct is not released but remains attached to the nitrogen atom in 
the form of a 1,1,5-trimethyl-5-hexenyl group.  The microanalysis of 2-Cl confirms the 
suggested stoichiometry, and the IR spectrum contains a C=C stretch at 1649 cm-1 and a C-H 
stretch at 3072 cm-1 that confirm the presence of an alkene functionality (Figure 5.4).  The 1H 
NMR spectrum also supports this assignment, displaying a resonance at δ 4.83 attributable to 
olefinic protons (Figure 5.5).  In 2-Cl and 2-Br, there is no longer a single resonance 
corresponding to all of the methyl groups on the intact tmp ligand.  Apparently this ligand no 
longer undergoes one or both of the fluxional processes which render the tmp methyl groups in 1 
equivalent on the NMR time scale. 
Di(tert-butyl)amide and 2,2,6,6-tetramethylpiperidide are unusual in undergoing this 
dealkylation reaction.  For several other sterically demanding amides, ClTi(NRR')3 is formed on 
treatment of TiCl4 or TiCl4(thf)2 with Li(NRR') (R = R' = SiMe3, cyclohexyl)66,67 or 
Li(NRR')(OEt2) (R = C(CD3)2CH3, R' = 3,5-dimethylphenyl).68  Several dialkylamides are small 
enough to form homoleptic Ti(NR2)4 (e.g., R = iPr),69  again without any dealkylation chemistry. 
5.4.3 Studies to determine at what point dealkylation occurs.  We carried out several 
experiments to shed light on the chemical identity of the compound responsible for the 
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dealkylation reaction in these titanium reactions.  One possibility is that the dealkylation involves 
homolytic C-N bond cleavage, a one-electron process, owing to the ability of TiCl4 to be reduced 
to TiCl3.  The tmp anion, in addition to being a potent base and nucleophile, is more electron rich 
than most other dialkylamides and can in principle serve as one-electron reductant.  In previous 
work, our group found Ti(OEt)4 to be superior to TiCl4 as a titanium(IV) source for reactions 
with potential reducing agents such as neopentyllithium because the alkoxide compound is less 
easily reduced.70,71  We find that treatment of Ti(OEt)4 with three equivalents of Li(tmp) also 
affords dealkylation products, as judged by IR spectroscopy.  This finding speaks against but 
does not rule out the possibility that the dealkylation involves one-electron chemistry.  
 We were interested to determine at what point in the reaction sequence the dealkylation 
occurs.  One and two equivalents of Li(tmp) were added to TiCl4(thf)2 in benzene.  After 
removal of the reaction solvent and extraction of the colored reaction products into diethyl ether, 
the IR and 1H NMR spectra of the soluble crude products were obtained.  The IR spectra 
revealed that dealkylation had occurred in both reaction products, as judged by the presence of 
C-H and C=C stretching features diagnostic for the presence of the 1,1,5-trimethyl-5-
hexenylimido group.  The 1H NMR spectra also displayed resonances corresponding to this 
group (Figures 5.6-5.7).  Integration of the individual peaks in the alkyl region of the spectra is 
hampered by overlap between several broadened peaks.  However, the extent of dealkylation can 
be measured by first setting the integral of the olefin region equal to 2, and then integrating the 
entire alkyl region.  If one subtracts from the alkyl integral the 15 alkyl hydrogens in the imido 
ligand, and then divides the difference by 18 (the number of protons in the tmp anion) one can 
compute the ratio of imido ligands to amido ligands.†  As a test of this protocol, the 1H NMR 
                                                 
† Adventitious hydrolysis does not interfere with this method because the N-H protons fall outside of the alkyl range, 
and hydrolysis will not change the ratio of olefin to alkyl peaks.   
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spectrum of pure 2-Cl, obtained from the treatment of TiCl4(thf)2 with three equivalents of 
Li(tmp), has 36 alkyl H per 2 olefin H, which corresponds to 1.17 amido ligands per imido 
ligand.  This ratio is consistent with the 1:1 amide to imide ratio actually present in 2-Cl.   
For the crude products of the treatment of TiCl4(thf)2 with one equivalent of Li(tmp), 
integration gives 132 alkyl H per 2 olefin H, or an amide to imide ratio of 6.5.  For the crude 
products of the treatment of TiCl4(thf)2 with two equivalents of Li(tmp), integration gives 104 
alkyl H per 2 olefin H, or an amide to imide ratio of 5.  These results show that relatively little 
dealkylation occurs as a result of adding one or two equivalents of tmp to TiCl4(thf)2.  We thus 
conclude that, although some dealkylation is kinetically competent for all reaction 
stoichiometries, the majority of the dealkylation occurs only when the third equivalent of Li(tmp) 
is added to TiCl4(thf)2. 
 5.4.4 IR studies of dealkylation reactions at other early transition metal centers.  We 
were interested to ascertain whether this dealkylation reaction also is promoted by other early 
transition metal centers.  Although both 1H NMR and IR spectroscopy can in principle confirm 
the presence of the 1,5,5-trimethyl-5-hexenylimido group that results from the ring-opening 
dealkylation of tmp, for paramagnetic compounds the 1H NMR spectra are not necessarily 
observable or interpretable.  IR spectroscopy is not sensitive to paramagnetism and we therefore 
chose to explore the scope of the dealkylation chemistry using this technique.  Because isolating 
these products was not our purpose, we have obtained the IR spectra of the pentane-soluble crude 
products (in all cases we studied, most or all of the colored reaction products dissolve in 
pentane).   
 Figure 5.8 displays the overlaid IR spectra of the products of reaction of three equivalents 
of Li(tmp) with MCl4, M = Ti, Hf.  When the metal ion is titanium(IV), the product is 2-Cl.  The 
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presence of a C=C stretch in the spectrum of the hafnium(IV) reaction confirms that dealkylation 
occurs at this metal center also.  This result contrasts with the chemistry of the 
bis(trimethylsilyl)amido ligand, for which refluxing HfCl4 with four equivalents of 
Na[N(SiMe3)2] in toluene affords only ClHf[N(SiMe3)2]3.72  Thermolysis of MR2[N(SiMe3)2]2, 
where M = Zr or Hf, and R = Me, Et, or CH2SiMe3, does afford cyclometallated products 
resulting from formal γ-deprotonation of a trimethylsilyl group concomitant with alkane 
elimination.52   
 Figure 5.9 displays the IR spectrum of the products of the treatment of VCl3(thf)3 with 
three equivalents of Li(tmp); dealkylation is evident.  Because Mg(tmp)2 is less reducing and has 
a lower kinetic basicity than Li(tmp) (e.g., Mg(tmp)2 does not deprotonate tetrahydrofuran at 
room temperature,73 unlike Li(tmp)74,75), we were curious whether this reagent might install the 
tmp ligand without dealkylation.  IR spectroscopic studies suggest treatment of VCl3(thf)3 with 
1.5 equivalents of Mg(tmp)2 still results in dealkylation (Figure 5.9).  This product is 
spectroscopically similar to the product obtained upon treating VCl3(thf)3 with 3 Li(tmp).   
 Figure 5.10 displays the IR spectra of the products of reactions of NbCl3(dme) and NbCl5 
with three equivalents of Li(tmp).  Dealkylation is observed in both cases, although the extent of 
the dealkylation may be less for NbCl5 than for NbCl3(dme).   
 Figure 5.11 displays the IR spectra of the products of reactions of CrCl3(thf)3 and 
MoCl3(thf)3 with three equivalents of Li(tmp).  No olefin arising from dealkylation is observed 
for chromium(III), but molybdenum(III) does promote some dealkylation.  The lack of 
dealkylation in the chromium(III) case is consistent with the previously reported isolation of the 
homoleptic amido compounds Cr(tmp)3 and Cr[N(t-Bu)2]3.1,31   
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We thus conclude that the dealkylation reaction is not limited to titanium(IV), but occurs 
at several d0-d3 early transition metals.  We will comment below on what this observation tells us 
about the mechanism of the dealkylation process.  
 5.4.5 Synthesis of "TiCl(tmp)2(thf)" from Li(tmp) and TiCl3(thf)3.  Treatment of 
TiCl3(thf)3 with three equivalents of Li(tmp) in pentane affords a deep green solution which turns 
brown when warmed above 13-15 °C.  The 1H NMR spectrum shows extensive dealkylation, 
approximately 1 amide : 1 imide.  When fewer than three equivalents of Li(tmp) are employed 
and the solution is maintained at ≤ 0 °C during synthesis and purification, emerald green crystals 
can be isolated by crystallization at -20 °C.  The microanalysis of these crystals is consistent with 
the stoichiometry TiCl(tmp)2(thf), probably with ca. 0.25 equivalents of LiCl entrained.  These 
crystals melt with decomposition at 99-101 °C, and a C6D6 solution of the crystalline material is 
stable for weeks at room temperature.   
 Several similar compounds of titanium(III) and vanadium(III) are known, although the 
stoichoimetries and structures depend on the steric demand of the ligand and the size of the metal 
center.  The green amido compounds [Li(L2)][M(μ-Cl)2(NRR')2] have been crystallographically 
characterized for R = R' = cyclohexyl (M = Ti and L2 = tmeda (N,N,N',N'-tetramethyl-
ethylenediamine),76 or M = V and L2 = (thf)277), and characterized spectroscopically and by 
microanalysis for R = C(CD3)2CH3, R' = 3,5-dimethylphenyl (M = Ti, L2 = tmeda).4  The blue-
green amido compound VCl[N(SiMe3)2]2(thf) has also been crystallographically characterized.77  
An alkoxide complex formulated as "TiCl(tritox)2" (tritox = tri(tert-butyl)methoxide) is mint 
green, has microanalysis consistent with minor inorganic impurities, and produces TiCl2(tritox)2 
on addition of CCl4.39  Evidently, when the ligand is sufficiently large relative to the metal, 
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lithium chloride is eliminated and monomeric MCl[X]2(thf)y (X = amide or alkoxide, y = 1 or 0) 
forms instead of heterodinuclear [Li(L2)][M(μ-Cl)2(NRR')2]. 
When VCl[N(SiMe3)2]2(thf) is treated with Li[N(SiMe3)2], a cyclometallated product is 
formed consistent with formal γ-deprotonation of a trimethylsilyl group and elimination of 
HN(SiMe3)2.53  One similar reaction is known for the tmp ligand.  A cyclometallated product 
[K(tmeda)][Al(μ-tmp*)(μ-iBu)(iBu)] (where tmp* is the tmp anion with a methyl group 
deprotonated; the CH2 group binds to Al) derived from the treatment of Al(iBu)2(tmp) with 
K(tmp) in the presence of tmeda has been crystallographically characterized.55   
Based on the above evidence and by analogy to literature precedent, we conclude that the 
reaction of TiCl3(thf)3 with three equivalents of Li(tmp) initially forms a green compound best 
formulated as TiCl(tmp)2(thf).  This compound is deprotonated above ca. 15 °C by excess 
Li(tmp) to afford an azametallacyclobutane, which undergoes a retro-[2+2] cycloaddition to 
afford the dealkylated product observed by IR and 1H NMR spectroscopy. 
 5.4.6 Mechanism of dealkylation.  The dealkylation reactions discussed above convert 
three equivalents of lithium amide into one equivalent of transition-metal-bound amide and one 
equivalent of bound imide (with tethered olefin).  The third amide and the proton eliminated to 
form the olefin presumably combine to form free amine.  This overall reaction can be explained 
by mechanisms beginning with one of at least four different steps: homolytic N-C bond scission, 
heterolytic N-C bond scission, γ-deprotonation, and γ-hydrogen-atom abstraction.  The 
mechanism could of course be different for different metal centers. 
 We can elucidate some aspects of the mechanism of dealkylation of tmp.  First, the fact 
that dealkylation occurs at hafnium(IV) centers strongly suggests that redox processes involving 
the metal center are not necessary.  Hafnium(IV) will not be further oxidized, having no valence 
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electrons remaining, and is not likely to be reduced by the lithium amide, which is a more potent 
reductant for the easily reduced late transition metals.  This reasoning is supported by the 
observation that dealkylation reaction occurs when Ti(OEt)4 is employed as a starting material, 
because the ethoxide ligands have been shown previously to lower the incidence of reduction by 
neopentyllithium.70  Similarly, Mg(tmp)2 is less reducing than Li(tmp), but still affords 
dealkylation.  Finally, if single-electron transfer to the metal center initiated radical chemistry, it 
would make more sense for less electron-rich metal centers to induce dealkylation (there being a 
larger thermodynamic driving force for electron transfer in this case); in contrast, we have shown 
above that the dealkylation is limited (starting from TiCl4(thf)2) until after two electron-rich 
amides are installed on the metal center.   
 Second, the lack of dealkylation at chromium(III) suggests that the electrophilicity of the 
metal center plays a role in the dealkylation.  We have shown that it is not merely the case that 
Cr(tmp)3 can be isolated; dealkylation does not occur at chromium(III) under the same 
conditions for which it does occur at other metal centers.  Both of the non-radical mechanisms, 
N-C bond heterolysis and γ-deprotonation, should be enhanced by increased bond polarization.  
However, we know of no examples where heterolytic N-C bond cleavage precedes 
deprotonation.  We thus concur with the previous suggestion that γ-deprotonation operates for 
titanium(IV),2 and now suggest that this is most likely for titanium(III) and hafnium(IV) also.  
Although we cannot speak to whether such deprotonation results from exo attack of the lithium 
amide or sterically stimulated endo attack of coordinated amide, if Ti(tmp)3 or ClTi(tmp)3 can be 
prepared by another route (and is thermally stable) their existence will imply that the present 
results arise from exo deprotonation. 
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5.5 Concluding remarks 
 We have demonstrated that the tmp ligand undergoes ring-opening dealkylation at early 
transition metal centers including Ti(III), Ti(IV), Hf(IV), V(III), Nb(III), Nb(V), and Mo(III).  
The available evidence for titanium and hafnium is consistent with a γ-deprotonation mechanism 
in which adding the first two equivalents of Li(tmp) installs two tmp groups on the metal center, 
but adding the third equivalent of Li(tmp) results in deprotonation of one of these two now-
coordinated groups.  The resulting carbanion undergoes a rearrangement, either concerted or via 
retro-[2+2] cycloaddition through an azametallacyclobutane intermediate, to afford an imido 
ligand and an olefin (the latter remaining bound to the imide by the tmp methylene units).  
Spectroscopic evidence for similar reactions at vanadium, niobium, and molybdenum is 
consistent with this mechanism, although not exclusively so.  We have shown that dealkylation 
of the strongly basic, sterically demanding tmp anion is a general reaction for early transition 
metals.  This conclusion likely pertains also for di(tert-butyl)amide, and therefore alternative 
synthetic pathways will be necessary to isolate early transition metal trisamido compounds 
(assuming that these compounds are thermally stable). 
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5.7. Figures 
 
Figure 5.1  IR spectrum of [TiCl3(tmp)]2, 1, as a mineral oil mull between KBr plates. 
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Figure 5.2  1H NMR spectrum of [TiCl3(tmp)]2, 1, in C6D6. 
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Figure 5.3  Proposed structure of {Cl(tmp)[CH2=C(Me)CH2CH2CH2C(Me2)N=]Ti}2, 2-Cl, 
by analogy to {Cl[N(t-Bu)]2[N(t-Bu)]Ti}2.2 
 
 
 
 
 
 
Figure 5.4  IR spectrum of {Cl(tmp)[CH2=C(Me)CH2CH2CH2C(Me2)N=]Ti}2, 2-Cl, as a 
mineral oil mull between KBr plates.  The C=C stretch at 1649 cm-1 and alkene C-
H stretch at 3072 cm-1 are highlighted. 
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Figure 5.5  1H NMR spectrum of {Cl(tmp)[CH2=C(Me)CH2CH2CH2C(Me2)N=]Ti}2, 2-Cl, in 
C6D6. 
 
 
 
 
Figure 5.6  1H NMR spectrum in C6D6 of the ether-soluble crude products of the reaction of 
TiCl4(thf)2 with 1 equivalent of Li(tmp). 
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Figure 5.7  1H NMR spectrum in C6D6 of the ether-soluble crude products of the reaction of 
TiCl4(thf)2 with 1 equivalent of Li(tmp). 
 
 
Figure 5.8  Overlaid IR spectra of 2 (prepared from TiCl4) and the crude products of the 
reaction of three equivalents of Li(tmp) with HfCl4, as mineral oil mulls on KBr 
plates.  A C=C stretch at 1649 cm-1 is evident in both spectra. 
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Figure 5.9  Overlaid IR spectra of the crude products of the reactions of VCl3(thf)3 with 3 
equivalents of Li(tmp) and 1.5 equivalents of Mg(tmp)2, as mineral oil mulls on 
KBr plates.  The spectra are substantially similar, and evident in both is a C=C 
stretch at 1649 cm-1. 
 
Figure 5.10  Overlaid IR spectra of the crude products of the reactions of 3 equivalents of 
Li(tmp) with 1 equivalent of NbCl3(dme) and NbCl5, as mineral oil mulls on NaCl 
plates.  A C=C stretch at 1649 cm-1 is discernible in both spectra. 
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Figure 5.11  Overlaid IR spectra of the crude products of the reactions of 3 equivalents of 
Li(tmp) with 1 equivalent of CrCl3(thf)3 and MoCl3(thf)3, as mineral oil mulls on 
KBr plates.  A C=C stretch at 1649 cm-1 is evident only in the Mo spectrum. 
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APPENDIX 
SOME OTHER CHEMISTRY 
 
A.1 Contributions 
 The work presented below covers assorted minor pieces of research undertaken in the 
laboratory of Prof. G. S. Girolami.  Dr. A. N. Cloud, working in the laboratory of Prof. J. R. 
Abelson, attempted the chemical vapor deposition (CVD) of tris(amido)chromium(III) 
compounds.  I gratefully acknowledge that P. J. Sempsrott suggested the chloranil test, and Dr. J. 
L. Steele prepared CrCl3(thf)3 used in the reactions below.  G. R. Potratz optimized the synthesis 
of di(tert-butyl)amine and first prepared the three-coordinate compound Cr[N(t-Bu)2]3.1   
 
A.2 Experimental details 
All operations were carried out in vacuum or under argon with standard Schlenk and 
glovebox techniques.  Solvents were distilled under nitrogen from sodium benzophenone.  The 
compounds CrCl3(thf)3,2 methylcyclopentadiene (HCp'),3 and Cp'Co(CO)24 were prepared as 
reported.  The reagents HN(t-Bu)2 and LiN(t-Bu)2 were made by a modified literature route.1,5,6 
Elemental analyses were performed by the University of Illinois SCS Microanalytical 
Laboratory.  The IR spectra were obtained on a Nicolet Impact 410 or Perkin Elmer Spectrum 
One FTIR spectrometer as Nujol mulls between KBr or NaCl plates, and analyzed with 
Spekwin32.7  Melting points were measured in duplicate under argon in closed capillaries with a 
Thomas-Hoover Unimelt apparatus. The 1H NMR data were recorded on a Varian Unity Inova-
400 spectrometer at 9.4 T.  Chemical shifts are reported in δ units (positive shifts to higher 
frequency) relative to TMS. 
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Chemical vapor deposition experiments were carried out by following the same 
procedures as in Chapter 3, with the precursor reservoir immersed in boiling water.  Delivery 
lines from the source container to the chamber were also heated.   
 A.2.1 Chloranil test for the presence of di(tert-butyl)amine.  Following literature 
precedent of colorimetric tests for secondary amines,8,9 aliquots were tested in air for the 
presence of di(tert-butyl)amine.  To a small amount (covering the end of a spatula) of 2,3,5,6-
tetrachloro-1,4-benzoquinone, chloranil, in N,N-dimethylformamide (DMF, ca. 10 mL) and 
acetone (1-2 mL) was added an aliquot of the solution to be tested.  A purple color in the organic 
layer indicates the presence of a secondary amine, whereas a blue-green color indicates the 
presence of a tertiary amine.  
 A.2.2 NiBr2(dme)x, 0 ≤ x < 2.  To orange NiBr2 (4.51 g, 20.6 mmol) was added 1,2-
dimethoxyethane (dme, 25 mL) with stirring.  The slurry was allowed to stir for 72 h, and then 
the solids were collected by filtration and dried under vacuum to afford pale orange 
NiBr2(dme)1.5.  Yield: 6.37 g (95 %).  Anal. Calcd. for C6H15O3Br2Ni: C, 20.4; H, 4.27.  Found: 
C, 20.3; H, 4.21.  IR (cm-1): 1356 (w), 1293 (w), 1243 (m), 1212 (w), 1190 (m), 1159 (w), 1114 
(m), 1089 (s), 1043 (s), 1021 (s), 986 (s), 863 (s), 814 (w), 553 (w).   
By a similar procedure starting with NiBr2 (5.5 g, 25.2 mmol) and dme (25 mL) was 
obtained NiBr2(dme)1.8.  Yield:  8.75 g (91 %).  Anal. Calcd. for (C4H10O2)1.8Br2Ni: C, 22.7; H, 
4.77.  Found: C, 22.9; H, 4.64.   
When NiBr2 is shaken with dme (15 mL) at room temperature an exothermic reaction 
initiates; removing excess dme under vacuum after ca. 5 minutes affords a product with the 
composition NiBr2(dme)0.66 as judged from the weight gain.   
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When NiBr2(dme)1.5 is heated under vacuum at ca. 60 °C for 20 h, the mass loss is 
consistent with the formation of NiBr2(dme)1.25.  Heating this compound at 80 °C for 12 h 
affords dme-free NiBr2.  As the dme content of NiBr2(dme)x increases, the color typically 
becomes paler (peach-colored rather than orange). 
 A.2.3 Tris[di(tert-butyl)amido]chromium(III), 1.  To a mixture of CrCl3(thf)3 (0.91 g, 
2.4 mmol) and LiN(t-Bu)2 (0.99 g, 7.3 mmol) was added pentane (25 mL).  The reaction mixture 
quickly turned dark green, then proceeded through dark brown, red-brown, and red-purple to 
dark purple over ca. 15 min.  The mixture was allowed to stir at room temperature for 16 h.  The 
dark purple solution was then taken to dryness under vacuum, affording brown solids.  The 
solids were extracted with pentane (2 × 25 mL); the purple extracts were filtered, combined, and 
concentrated to ca. 20 mL.  Dichroic crystals of Cr[N(t-Bu)2]3, dark purple in solution but dark 
olive in the solid state, formed at -20 °C.  Yield 0.49 g (46 %); a second crop can be collected. 
Mp: 122-124 °C.  Anal. Calcd. for C24H32N3Cr: C, 66.0; H, 12.5; N, 9.62.  Found: C, 64.8; H, 
12.4; N, 9.83.  The slightly low carbon may result from incomplete combustion.  IR (cm-1): 1361 
(s), 1244 (m), 1196 (s), 1178 (s), 1038 (w), 1020 (w), 940 (m), 899 (w), 873 (s), 783 (m), 758 
(w), 666 (w), 550 (m).  
A.2.4 Treatment of bis[di(tert-butyl)amido]iron(II), 2, with dinitrogen, ethylene, 
dihydrogen, and carbon monoxide.  All four independent reactions followed the same 
protocol.  To Fe[N(t-Bu)2]2 (0.15 g, 0.48 mmol) was added pentane (25-30 mL), and the orange 
solution was transferred by cannula to a Fisher-Porter bottle.  The Fisher-Porter bottle was 
evacuated, pressurized to 50 psi with the reactant gas and discharged five times, and then 
pressurized to 75 psi and sealed.  The pressurized solution was allowed to stir at room 
temperature and monitored for color changes.   
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When the reactant gas was dinitrogen or ethylene, no reaction was observed.   
When the reactant gas was dihydrogen, the solution darkened and a dark precipitate 
began to form.  Within 1 h, the solution was nearly colorless and gray-brown precipitates were 
widely distributed.  After 3 h, the precipitate had a metallic appearance and a mirror had formed 
on the walls.  The IR spectrum of the pentane solution showed peaks (cm-1) at 1225 (s), 1098 
(m), 1032 (m), 877 (w), 862 (w), and 599 (m).  Several regions were obscured by solvent (1500-
1350, ~730, <500 cm-1) or dissolved stopcock grease (1261 (m), 802 (m) cm-1).  The remaining 
regions are roughly consistent with bands reported by Potratz for di(tert-butyl)amine (cm-1): 
1225 (s) 1141 (w), 1112 (w), 1071 (w), 1032 (m), 1008 (m), 601 (m).1 
When the reactant gas was carbon monoxide, the solution darkened and turned red within 
ca. 15 min., concomitant with an 8 psi decrease in pressure.  After 12 h, the pressure had not 
changed further, but the solution was orange.  The Fisher-Porter bottle was depressurized, the 
solution cannula transferred to a flask, and the solvent removed under reduced pressure.  The 
product was a red-orange oil.  IR as a neat film (cm-1): 2181 (s), 2123 (s), 2056 (s), 2024 (m), 
1984 (s), 1958 (s), 1930 (s), 1879 (w), 1788 (w), 1718 (w), 1610 (s), 1578 (s), 1483 (s), 1414 
(m), 1400 (m), 1298 (m), 1228 (m), 1207 (m), 1189 (m), 757 (w), 738 (w), 623 (s), 602 (s), 547 
(w), 432 (w); see Figure A.1.  Liquid Fe(CO)5 has very strong bands at 2020 and 622 cm-1, 
whereas Fe2(CO)9 has very strong bands at 2034 and 1828 cm-1.10  The former may be present 
among a mixture of products, while the latter appears to be absent.   
A.2.5 Treatment of bis[di(tert-butyl)amido]iron(II), 2, with trimethylphosphine.  To 
Fe[N(t-Bu)2]2 (0.15 g, 0.48 mmol) was added pentane (20 mL) and then trimethylphosphine 
(0.05 mL, 0.49 mmol).  The solution did not change color.  Crystallization from pentane at -20 
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°C afforded only 2.  Mp: 67-69 °C.  The IR spectrum matches authentic 2 (see Chapter 2), and 
has no additional features (Figure A.2). 
 A.2.6 Cp'CoFe2(CO)9, 3.  To Fe2(CO)9 (1.80 g, 4.9 mmol) was added Cp'Co(CO)2 (0.96 
g, 4.9 mmol) and hexane (30 mL).  The slurry was stirred for 14 h; the solution changed from 
dark orange to dark red-brown in this time, but a large amount of solid Fe2(CO)9 remained 
unreacted.  The solvent was brought to reflux over ca. 1 h, after which time all Fe2(CO)9 had 
reacted.  The solution was cooled to room temperature, and liquids were removed under vacuum 
leaving very dark solids.   
A column specially constructed to ensure an inert atmosphere for air-sensitive 
compounds was packed with ca. 12" of silica gel in hexane.  The crude product was dissolved in 
hexane (20 mL) and cannula transferred onto the column.  Freshly distilled hexane was used as 
an eluent; over time, a dark green band separated from a dark brown or black band, a small red 
band, and a small black band.  The last two bands remained essentially stationary with hexane as 
eluent.  The dark green band, assumed to be Fe3(CO)12,11 was discarded.  After this band eluted 
and the mobile dark band neared the bottom of the column, the eluent was changed to a 4:1 
pentane:dichloromethane mixture.  The remaining three bands were more mobile with this 
solvent mixture, the bottom-most dark band eluted quickly.  By analogy to the unsubstituted 
analogue CpCoFe(CO)9, this band was expected to be the purified product. 
The solvent was removed from this dark brown fraction under reduced pressure.  The 
resulting dark solid was extracted with pentane (30 mL), and the extract was filtered and 
concentrated.  Black rod-shaped crystals of Cp'CoFe2(CO)9 were obtained at -20 °C.  Yield: 0.1 
g (4 %). Mp: 97-99 °C.  Dec.: begins 105-110 °C.  Anal. Calcd. for C15H7O9CoFe2:  C, 35.9; H, 
1.41.  Found:  C, 36.0; H, 1.27.  1H NMR: (25 ºC, C6D6): δ 4.3 (s, 2 H), 4.1 (s, 2 H), 1.4 (s, 5 H); 
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Figure A.3.  Increasing the delay time to 25 s, consistent with a T1 on the order of seconds, 
afforded ca. 2:2:3 integrals as expected for the methylcyclopentadienyl ligand (Figure A.4).  IR 
(cm-1): 2500 (m, very broad unresolved bands), 2158 (w), 2077 (s), 2029 (s), 1999 (s), 1982 (s), 
1961 (s), 1798 (s), 1361 (w), 1223 (w), 1181 (w), 1152 (w), 1066 (w), 1021 (w), 975 (w), 926 
(w), 877 (w), 843 (m), 831 (m), 611 (s), 600 (s), 582 (s), 548 (s), 490 (w), 457 (m).  The 
compound sublimes very slowly at 50 °C under static or dynamic vacuum, and decomposes 
under dynamic vacuum at 70-80 °C.  
A.2.7 Using Rfree in SHELXTL. The crystallographic refinement package SHELXTL 
allows the user to flag a percentage of the data for statistical cross-validation using the Rfree 
parameter. This technique,12 typically employed for protein crystallography, provides a method 
to avoid over-fitting of the data and is often useful when the data-to-parameter ratio approaches 
or falls below the IUCr-recommended lower limits of 10:1 and 8:1 for centrosymmetric and non-
centrosymmetric space groups, respectively.13  The flagging of the data can be done either using 
XPRO or when writing the .hkl files in XPREP.  However, three problems arise. 
 First, XPRO writes new .hkl files which are not formatted correctly and cannot be read 
by XS or XL (this is not a problem if the files are generated by XPREP).  Because the .hkl files 
typically have tens of thousands of lines, reformatting by hand is not a reasonable option.  The 
custom C++ program fXPRO reformats the output correctly and is available on request from the 
author.   
 Second, the random number generator used in both XPRO and XPREP generates the 
same sequence of random numbers every time.  Although this feature might be sufficiently 
pseudo-random for some applications, it occasionally is desirable to compare several different 
partitions of the data in order to increase the reliability of the results.  Performing even just one 
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other random partition dramatically increases the confidence in the method; it is unlikely two 
different partitions of the original data set will both be non-representative.  Functionality was 
added to fXPRO to allow for re-randomization of the data flags.  
 Third, the GUI wrapper XSHELL does not allow the user to refine against the partitioned 
data only, essentially preventing the evaluation of Rfree.  This limitation can be overcome by 
calling the program XL directly to perform the least-squares refinement.  To do this, the user can 
edit the .ins file in XSHELL as usual.  However, instead of running least-squares refinement 
through the “Refine” menu option in XSHELL, the following procedure should be used.  Save 
the .ins file and close XSHELL.  Open the .ins file (e.g., by clicking Edit and dragging to Edit 
.ins in the SHELXTL window) and append to the end of the line beginning with L.S. the value -1 
(the line should now read “L.S. 4 -1”, for example, if it is desired to run four cycles of the least-
squares refinement).  Save the file and then run XL by clicking XL in the SHELXTL menu and 
selecting the XL option in the drop-down window.  The R(free) value will be displayed along 
with the other residual values after each cycle of the refinement. 
 
A.3 Results 
 A.3.1 Notes on the synthesis of di(tert-butyl)amine.  The synthesis of di(tert-butyl)-
amine from tert-butylamine proceeds in three steps:1,5,6 
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I typically obtained yields 60-80 % of those reported by Potratz.1  One key to obtaining 
good yields in the first step, which is performed at 80 °C, is to ensure that all seals (especially the 
O-ring around the stirring rod of the overhead stirrer) are sufficient to prevent loss of tert-
butylamine (b.p. 46 °C) before it can react with the potassium permanganate.   
The yield of the first step is sufficient for 2-3 runs of the second and third steps, which 
can be carried out with as much as 120 mL of tert-nitrobutane without loss of yield.  If the 
sodium reduction step is performed on this scale in a 2-L flask, a very thick slurry of sodium 
di(tert-butyl)hydroxylamine oxide forms and stirring becomes very difficult.  Instead, this step is 
better performed in two 1-L flasks simultaneously to ensure efficient stirring.  An excess of 
sodium is used in this step; it will never all react, contrary to the description.1  I have allowed the 
reaction to proceed until the slurry is white; the reaction intermediates are strongly colored but 
the product(s) are colorless.14,15  
The last step of the synthesis of di(tert-butyl)amine involves quenching the final reaction 
products with a solution of potassium carbonate in water; the amine is then extracted with 
pentane or hexane.1  Some 1,2-dimethoxyethane (DME) used as the solvent in the second step is 
also extracted into the alkane layer.  In work seeking to scale up this step of the synthesis, we 
investigated the conditions necessary to extract most of the amine from the aqueous solution into 
pentane.  The chloranil test for secondary amines8,9 was helpful in testing aliquots of various 
solutions involved in the workup;  a purple color indicates the presence of di(tert-butyl)amine.  
We found that the di(tert-butyl)amine had not been completely extracted from the aqueous 
solution even after multiple extractions with pentane.  This result indicates that di(tert-
butyl)amine is appreciably soluble in water.  Although the solubility of this amine in water has 
apparently not been measured, the solubilities of di(iso-butyl)amine and di(sec-butyl)amine are 
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0.41 and 0.63 wt. % at 20 °C.16  If di(tert-butyl)amine is similarly soluble in water and the DME 
in the alkane layer does not repartition itself and increase the solubility, the water used to quench 
the reaction and then wash the pentane extracts can retain ca. 20 % of the di(tert-butyl)amine.  
We conclude that the quantity of water used in the workup, especially in the final washing step, 
should be kept to a minimum. 
 A.3.2 Synthesis of NiBr2(dme)x, 0 ≤ x < 2.  1.2-Dimethoxyethane adducts of nickel 
dibromide can be prepared simply by stirring NiBr2 in dme.17  However, we have found that the 
stoichiometry of the product can vary significantly depending on the preparative conditions.  
Carrying out the reaction of NiBr2 in dme for 5 minutes affords NiBr2(dme)0.66.  Stirring a 
mixture of NiBr2 in dme for days affords compounds approaching the stoichometry NiBr2(dme)2; 
drying such compounds under vacuum affords NiBr2(dme)x where x depends on the exact drying 
conditions. The amount of dme removed increases at higher temperature:  heating to 80 °C for 12 
h under vacuum is sufficient to remove all of the dme.   
 A.3.3 Synthesis and CVD of tris[di(tert-butyl)amido]chromium(III).  Following the 
procedure of Potratz, but changing the solvent to pentane, good yields of Cr[N(t-Bu)2]3, 1, can be 
obtained.  Potratz reported that this compound decomposes in air over the course of hours.1  In 
contrast, Cr(tmp)3 (tmp = 2,2,6,6-tetramethylpiperidide) is reported to be unreactive toward 
oxygen whereas less-bulky tris(amido)chromium(III) compounds oxidize readily.18 I have 
observed that the color of alkane solutions of 1 discharge only after days in an open container on 
top of an aqueous layer.  This behavior can be attributed to steric protection of the chromium(III) 
center.18 
No material was deposited when 1 was passed over heated surfaces in the presence of 
ammonia.  This result contrasts with the results of Chapter 3 on CVD from the two-coordinate 
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M[N(t-Bu)2]2 complexes under similar conditions.  Cr(NH2)3 decomposes above ca. 50 °C to 
CrN.19,20  The lack of deposition suggests that the Cr(NH2)3 intermediate was not formed.  We 
therefore investigated the possibility that the transamination reaction might be inhibited by the 
same steric protection that inhibits oxidation.  Indeed, condensing dry ammonia onto a pentane 
solution of 1 and allowing it to warm afforded no reaction. 
A.3.4 Preliminary survey of reactions of bis[di(tert-butyl)amido]iron(II).  Orange 
Fe[N(t-Bu)2]2, 2, does not appear to react with N2, ethylene, or trimethylphosphine in pentane 
solution.  In contrast, 2 reacts with H2 to afford iron metal and free di(tert-butyl)amine.  2 also 
reacts with CO, initially forming a red solution.  Further reaction affords an orange solution that 
apparently contains a mixture of iron carbonyls.  Dimeric Mn2(NiPr2)4 also reacts with carbon 
monoxide; the reaction initially affords a species believed to be a carbamoyl compound before 
proceeding to a mixture of manganese carbonyl compounds, including [Mn(CO)5]-.21 
 A.3.5 Synthesis and characterization of Cp'CoFe2(CO)9.  Seeking a new single-source 
precursor for the CVD of Co0.35Fe0.65 films, we noted the report in which attempts to deposit 
films of this composition from the precursor CpCoFe2(CO)9 were compromised because this 
precursor decomposes below its sublimation temperature.22  We thus sought to add substituents 
to the cyclopentadienyl ring to increase the volatility of the compound. 
Following the reported synthesis of CpCoFe2(CO)9 but with Cp'Co(CO)2 (Cp' = 
methylcyclopentadienyl), the new compound Cp'CoFe2(CO)9, 3, can be isolated in low yields.  
The melting point is essentially the same as for the unsubstituted compound.  Although 3 does 
sublime very slowly at 50 °C in static vacuum, it decomposes when sublimation is attempted 
under dynamic vacuum at 70-80 °C.   
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A.5 Figures 
 
Figure A.1  IR spectrum as a neat film of the product of the reaction of Fe[N(t-Bu)2]2, 1, with 
carbon monoxide.  
 
Figure A.2  Overlaid mineral oil solution IR spectra of Fe[N(t-Bu)2]2, 1, analytically pure 
(KBr plates), and recrystallized from pentane (NaCl plates) after treatment with 
trimethylphosphine.  No reaction with PMe3 is observed.  
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Figure A.3  1H NMR spectrum of Cp'CoFe2(CO)9, 3.  The integration appears to be ca. 2:2:5 
(or 1.22:1.15:3.0, as if two protons are missing). 
 
 
Figure A.4  1H NMR spectrum of Cp'CoFe2(CO)9, 3, with a 25-s delay time added to the pulse 
sequence.  The integration is now approximately 2:2:3 as expected for the 
methylcyclopentadienyl ligand.  The relatively isolated cyclopentadienyl protons 
relax slowly. 
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